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PREFACE 


DurRinG the past twenty five years our knowledge of the structure and 
properties of atoms and molecules has been increased considerably by the 
progress made in both the theoretical and experimental methods of approach 
to the problems involved. The introduction of wave mechanics has 
permitted the development of theories of atomic and molecular structure 
which have placed on a theoretical basis such fundamental concepts as the 
spatial configuration of atomic orbitals, the nature and directional charac- 
teristics of bonds between atoms in molecules and the mechanism of 
chemical reactions. However, calculations of bond strengths and distances 
and of activation energies are possible only with the simplest systems and 
perhaps the greatest contribution of wave mechanics to chemistry up to 
the present has been the introduction of ideas which, by general application 
to the experimental data for complex molecules, has increased considerably 
our understanding of the structure of such molecules and the reactions which 
they undergo. Therefore it is necessary that in any treatise on molecular 
structure, the theoretical and the experimental aspects of the problem 
should be considered side by side. This is what the authors have attempted 
in this book. In the early chapters the wave mechanics of simple atoms 
and molecules are discussed ; all the mathematical derivations are collected 
in the last three chapters of the book apart from the Heitler-London 
treatment of the homopolar bond, which the authors consider should be 
familiar to all who desire to understand the present position regarding the 
theory of the chemical bond and which is presented in a form such that 
the necessary approximations and simplifications may be appreciated 
readily. The later chapters are confined to a survey of the experimental 
data relevant to a study of molecular structure and to the theoretical 
conclusions which may be drawn therefrom. 


The translation is based on the Russian edition published in 1946 and 
during the course of the translation it became evident that some revision 
of the original text was desirable. Such revision has been made only where 
it is apparent that advances in the subject, made since the publication of 
the original work, have extended or necessitated a modification of the views 
put forward by the authors. We feel that it is desirable to state which 
parts of the original text have been so revised. In Chapter 2, the expanded 
form of the periodic table has been included along with the Mendeléef 
form and the section on the synthesis of new elements rewritten. In 
Chapter 5, the section on cyclo-octatetrene has been rewritten. Chapter 7, 
dealing with molecular orbitals, has been almost entirely rewritten and we 
wish to acknowledge our indebtedness to the published work of Professor 
C. A. Courson which was of great assistance to us. In Chapters 8 and g, 
recent data collected by Dr A. G. Gaypon has been incorporated and the 
discussion extended or rewritten where necessary to conform with the new 
data. The sections on the hydrogen bond in Chapter 12 have been revised 
and extended. Chapter 15, on the boron hydrides, has been almost 


Vv 


THE STRUCTURE OF MOLECULES 


entirely rewritten and the structures proposed by Dr K. S. Pitzer given 
in addition to those put forward by the authors. In making these modi- 
fications, which we hope will have improved the value of the book, we 
have always attempted to conform as far as possible with the authors’ 
general method of treatment, as indicated in the original work. Figure 5 
was reproduced from Physical Reriew by permission of Professor H. E. 
WurtEe and Figure 25 was reproduced from Quarterly Reviews by permission 
of Professor C. A. CovuLtson and of the Council of the Chemical Society, 
London. 


We wish to acknowledge our thanks to Mr G. Stantey Ssitu for the 
loan of his copy of the Russian text, to the Commonwealth Fund for a 
Fellowship to one of us (D. O. J.) during part of the tenure of which the 
translation was largely carried out and to Mr D. R. Rexworrtny and the 
editorial staff of Butterworths Scientific Publications for their most helpful 
cooperation. 


November 1949 Monica A. PARTRIDGE 
Unicersity of Nottingham 


D. O. JorDAN 


Princeton Unizernty, NF. 
University of Nottingham 
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THE HYDROGEN ATOM 


RUTHERFORD-BOHR THEORY OF ATOMIC STRUCTURE 


THE progress in atomic physics that occurred at the end of the nineteenth 
and at the beginning of the twentieth centuries led to the conclusion that 
the atom is not an indivisible unit, but consists of a positively charged 
nucleus, having dimensions of the order of 10712 to 107!8 cm, in which is 
concentrated the greater portion of the mass of the atom, and electrons which 
are particles possessing unit negative charge e, equal to 4:779 X 107)? e.s.u 
and a mass of g:1 X 10778 gm. The atoms of the various elements differ 
from one another in mass, in the magnitude of the nuclear charge and, since 
the atom is electrically neutral, in the number of electrons. The suggestion 
that the positive charge on the nucleus, expressed as an integral multiple 
of the unit charge e, represented the atomic number was first made by 
VAN DEN Broek. ‘The importance of this suggestion was quickly realized 
and the first experimental evidence in its favour was given by MOosELy’s 
investigation of the x-ray spectra of the elements ; it was directly tested by 
GEIGER and MarspDeEn and later and more accurately, by CHADWICK, using 
RUTHERFORD’S law for the scattering of a-particles by thin metal foils. 

The nuclear theory of atomic structure, put forward by Rutherford, 
regarded the electrons as moving in orbits round the nucleus. The dy- 
namical theory of this system was developed by Bonr, who found it necessary 
to supplement classical mechanics by the quantum mechanics of PLANCK. 
According to classical theory, a system consisting of an electron moving in 
a circular orbit round a nucleus, to which it is attracted according to 
Coulomb’s law, would lose energy, with the result that the electron would 
approach and finally collide with the nucleus. Thus on the basis of 
classical theory, the Rutherford atom would only be stable for about ro-™4 
seconds, after which time the electron would have fallen into the nucleus. 

The experimental foundation of the quantum theory of atomic structure 
as put forward by Bohr, lies in the stability of the atom and in the existence 
of discrete cnergy levels and the ability of the atom to absorb and emit 
energy only in quanta, as demonstrated by the discontinuous nature of 
atomic spectra and by the critical potential measurements of FRANCK and 
HErtTz. Bohr postulated that the atom could only exist in a limited 
number of orbits or stationary states, which were defined by the quantum 
condition that the angular momentum mur can assume only certain limited 
values which are given by the expression 

mur = nh/2n cecal del) 
where m is the mass and v the angular velocity of the electron, r is the radius 
of the orbit, 4 is Planck’s constant equal to 6-6 x 1072? erg sec and n is 
a positive integer. The rotation of the electron in the closed orbits does 
not involve the loss of energy and for these selected orbits, to account for 


the stability of the atom, the inward coulombic attractive force is equated 
to the outward centrifugal force 


e2/r? = my2/r sos 2) 


From equations 1.1 and 1.2 we have the following expression for the radius 
of the permitted orbits 


= n*h?/422¢2m .... (1.3) 
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Thus r is proportional to n? and the radius a of the first orbit, n = 1, is 
given by 
a = h*/4n2e2m = 0-528 X 1078 cm sewed) 
The radius of the second orbit, n = 2 will be 4a, the radius of the third 
orbit, n = 3 will be 9a etc. 
The potential energy V of the system is the work done in bringing the 
electron from infinity to a distance r from the nucleus, thus 


12 2 
v=[Sa=- » (1.5) 
The kinetic energy 7 of the atom will be 

T = mv?/2 .... (1.6) 

which in combination with equation 1.2 gives 
T = e7/2r sens (27) 

Thus the total energy of the atom is given by 
E=V+T= — e?/2r = — anretm/n2h? .... (1.8) 


On passing from an outer orbit with energy £, to an inner orbit with 
energy £, an electron will emit a quantum of radiation with energy 


E, — Ey, = hv = 2%e4m (1/n? — 1/n2)[h? ....(1.9) 
where v is the frequency of the emitted radiation. We may therefore 
write 1/A = v = Ry (1/n} — 1/n3) .. (1.10) 


where Ry = 2m7e4m/h?c and is known as the Rydberg constant, c is the 
velocity and A the wavclength of light, and v is termed the wave number. 

The success of the Bohr theory lay in the fact that formulae 1.9 and 1.10 
were in excellent agreement with experimental data. Thus, for example, 
the theoretical value of the Rydberg constant is.109677-76 cm~1, compared 
with the experimental value of 109678-18 cm7~?. 

The application of the quantum theory to the hydrogen atom leads to 
the introduction of the quantum number n, on the value of which the 
energy of the atom depends. The treatment of Bohr was developed by 
SOMMERFELD to account for the fine structure of the lines in the spectrum 
of hydrogen and other elements. As a result of this treatment, the electrons 
were considered to be rotating in elliptical as well as circular orbits, which 
could be oriented with respect to each other in 2 magnetic field. In place 
of the single quantum number used in the Bohr treatment, the atom was 
defined in terms of three quantum numbers, n, / and m, where n is now 
termed the principal quantum number, / the azimuthal quantum number 
which determines the value of the angular momentum, and m defines the 
orientation of the orbit relative to the direction of a magnetic field. 

The theory of Bohr and Sommerfeld has been applied extensively to 
atomic spectra with considerable success, but it has proved of little use 
when applied to molecules and the problem of the chemical bond ; attempts 
by Pauti! and NigssEN? to apply the theory to the simplest molecular 
system i.e. the hydrogen molecule ion were unsuccessful. This stable 
molecule, which has a bond energy of 61 kcal/gm mol, was shown on the 
basis of the Bohr-Sommerfeld theory to be unstable. More recently, 
defects have become apparent in the application of this theory to atomic 
spectra. 
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The weakness of the Bohr treatment lies in the attempt to combine 
quantum and classical theories and in particular in the attempt to apply 
the laws obeyed by macroparticles to the very small particles that occur in 
atoms. Instead the quantum condition of discrete energy levels should be 
derived directly from a general theory ; such a theory has been produced 
on the basis of wave and quantum mechanics through the work of 
DE BROGLIE, SCHRODINGER, HEISENBERG and Dirac. 


MATTER AS WAVE MOTION 


The development of wave mechanics has been made possible through the 
introduction by de Broglie of a new principle dealing with the wave 
character of matter. The basis of this principle is the recognition that 
different interpretations are appropriate to different kinds of measurements ; 
thus atoms and electrons which have hitherto been regarded as discrete 
particles are considered to possess a dual character, in the sense that they 
may possess both corpuscular and wave properties. A duality of a similar 
kind had been revealed earlier in studies on the propagation of light. 

The theory of the propagation of light has passed through several stages 
during its development. Newton first conceived light as consisting of a 
collection of corpuscles obeying the laws of mechanics, but studies of 
such phenomena as reflection, dispersion, refraction, interference and 
diffraction led to rejection of this theory in favour of the electromagnetic 
wave theory of light. This concept assumes that radiation consists of a 
wave motion with electric and magnetic vectors at right angles to each 
other and to the direction of the wave, and that matter contains particles 
which are electrical in character and in which electrical dipoles are pro- 
duced by the passage of the wave. Other phenomena, however, which 
were first investigated at the beginning of the twentieth century and which 
were associated with the absorption and emission of light by matter, were 
found to be incompatible with a wave theory. Examples of such phenomena 
are the photoelectric and Compton effects which can be explained only 
by assuming that radiation consists of a stream of particles or light quanta, 
photons, the energy of each quantum being fv where A is Planck’s constant 
and v is the frequency of the radiation. 

A survey of all the available experimental data thus shows that some 
phenomena, such as diffraction and interference, can only be explained on 
the basis of the electromagnetic wave theory, whereas other phenomena, 
the most important being the photoelectric effect, require a corpuscular 
theory of light. Although this duality was recognized for phenomena 
associated with the propagation and absorption of light, it was not until 
de Broglie put forward his views, that electrons and other atomic particles, 
the corpuscular nature of which was supported by a considerable amount 
of physical and chemical experimental evidence, were considered also to 
possess wave properties. 

De Broglie suggested that with every moving particle there is associated 
a wave motion of wavelength A, which is related to the mass m and velocity 
v of the particle by the relation 


A = A/mv ee Oy oe 


Experimental evidence was obtained by Davisson and GERMER in 1927 
and later by THomson which supported the de Broglie relationship. These 
authors showed that crystals diffracted a beam of electrons in exactly the 
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Table I. Comparison of Values for same way as a beam of x-rays is diffracted 
Interatomic Distances and, furthermore, that a comparison of lattice 
distances, calculated from electron diffrac- 
tion data assuming equation 1.11 with values 


obtained by x-ray diffraction, showed excel- 


Interatomic distance A 


Substance 


X-ray Electron 

diffraction | diffraction lent agreement (Table I). ‘These data clearly 
Aa ae ee indicate the wave character of electrons as 
ae eG ;. Rae well as confirm the correctness of the de Broglie 
Plannin 3°91 55 relationship. More recent experiments by 
Lead 4°92 4°99 EsTERMAN and STERN have shown that this 
Iron 2:87 2°85 relationship also applies to the diffraction of 
Silver 4°08 is a-particles (helium ions, Het++) the mass 

Copper 3:60 3°66 c ease ‘ 
Tin > 86 5-86 of which is 7,360 times that of the electron. 


Thus it would appear that the de Broglie 
relationship is apphcable to all particles, but it is seen in Table // that the 
wavelengths for particles with large masses are extremely small and for a 
particle of mass : gm the de Broglie wavelength is 6-6 x 107? cm which 
would require for its ex- Table IL 
perimental determina- 
tion adiffraction grating 


Wavelengths Associated with Various Particles 
Calculated from the de Broglie Equation 


with rulings 10724 cm Particle Alass belocity de Broglie 
apart, whereas in crys- em cm] sec uuatelongi 
tals the distance between et mea —— --- +. -|}-————- ~~ ---—--— 
° f ow electron x 107 1 "27 
the atomsis ofthe order ‘Stow electron 10k. Se int ae sere 
of 107-8 cm It is thus £étron accelerated by poten- 
. ° tial of ¢ volt ns 9 x 10778 | 5:94 X 10? 122 X 107’ 
evident that the wave See carr by poten- ' 
* tl 1 Sf 36 ; ‘ -8 
properties of large par- tal of 100 vo 9 X 10 5:94 X 10 122 X 10 
1 a-Particle aceclerated by 
ticles are never observed. potential of ruo volt 6:6 x 10774 | 6-94 x 10° 1:43 X 1077? 
It is therefore mneces- a-Particle from rodium 6-6 x 1ro7** | 3-51 x 10? 6:56 x 107!? 
Particle of & gut moving at 
sary to formulate a velocity § cmnfsee ise 1 1 66 x 107?? 
Tennis ball ; 46 2,500 5-71 X 1077? 


mechanics of particles 


in such a way as to 
conform with the wave properties of atomic particles and at the same time | 


to be applicable to large particles, being converted into classical mechanics 
in the process. 


THE WAVE EQUATION 


The idea of a wave may be illustrated by considering a stretched string or 
the surface of a liquid : if any part of the string is displaced, then a wave 
is propagated along the string and the string vibrates ; similarly if a stone 
is dropped into water, water waves will travel outwards radially from the 
centre of the disturbance. All wave motions have two important properties 
in common: the disturbance travels through the medium without giving 
to the medium as a whole any permanent displacement, and energy is 
transferred from onc point to another. Thus if at a given point there is 
a fluctuating particle, then this fluctuation is passed on from one particle 
to another, so producing the wave. 

In order to study the laws of wave propagation it is necessary to con- 
sider not only the disturbing force, but also the restoring force which tends 
to return the oscillator to its original position. The simplest kind of wave 
is that in which the restoring force is directly proportional to the displacement, 


F=—kyp eee Lele) 
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and is termed the harmonic wave. In equation 1.12, # is the displacement 
and k the proportionality constant which is numerically equal to — F for 
unit displacement. The negative sign indicates that the restoring force 
opposes the displacing force. 

According to Newton’s laws of motion 


md*h/dt? = F 1+ (1.13) 


where m is the mass of the particle being displaced. It follows from 
equations 1.12 and 1.13 that 


md*ip/dt? = — ki secevg (ESTA) 
In a harmonic wave the wave profile is a sine or cosine curve, thus we 
may write 
y = asin wl Seen Tels) 
where w is the angular velocity, ¢ is the time and a is a constant. From 
equation 1.15 we obtain 


dip/dt = aw cos wt ooo ( 196) 
and 
d*h/dt? = — aw* sin wt pally) 
From relationships 1.14, 1.15 and 1.17 it follows that 
md*h/dt? = — maw*sin wt = — kp = —kasinwt ....(1.18) 
and hence 
w = (k/m)! siua> (1.19) 
When equation 1.19 is substituted in formula 1.15 the expression obtained 
= asin (k/m)? ¢ ». (1.20) 


must satisfy the condition for harmonic motion. 
In a similar manner we have the solution for the cosine curve that 


b= bcos wt eel oT) 


The linear combination of the solutions 1.15 and 1.21 given above will 
also be a solution of equation 1.14. This is an example of the principle 
of superposition, which states that when all the relevant equations are 
linear we may superpose any number of individual solutions to form new 
functions which are themselves also solutions. The use of this principle is 
fundamental in the wave mechanical treatment of molecules and it will be 
discussed later. The linear combination here is 


wy = asin wi + bcos wt piee( 22) 
which, on differentiation with respect to ¢, gives 
d*/dt? = — w* (asin wt + b cos wt) 
Substitution for w from equation 1.19 and combining with 1.22 gives 
md*p/dt? = — ki .. (1.14) 


This solution may be written in the alternative form % = A exp (iw#) or 
y = B exp (— tw) or in the general form 


wo = A exp (twt) + Bexp ( — tw) ». 2. (1.23) 
That this is so may be shown by following the same steps as employed in 
the solution of equation 1.15. The introduction of this form of solution, in- 


volving the unit of imaginaries 1 = ./—T, is in certain circumstances 
more convenient. 
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In a general harmonic wave the displacement yw is not necessarily zero 
when ¢ = 9, as indicated by equations 1.15 and 1.21. Thus the general 


solution will be 
wy = acos (wt — ¢) os .(1.24) 


where ¢ is a constant. When ¢ = ¢/w, cos (wt — ¢) will be unity and 
will have a maximum value equal to a. This maximum value of the dis- 
placement is termed the amplitude. Since w is the angular velocity, the 
frequency v will be given by v = w/27. The reciprocal of the frequency, 
I = 1/v is termed the period of the wave. If the velocity of propagation 
of the wave is c, then a point situated a distance A =c I from the initial 
displacement will vibrate in the same phase. The distance A is termed 
the wavelength. 

In order to obtain the equation of wave 
motion let us consider a lateral vibration with 
. amplitude @ which is transmitted from A in 
the direction B (Figure 1). A point M, situated 
4 , a distance x from A, will after a period of time 
= 4a t, be at M,. The distance MM, = #. If the 
ole ae eee 4 time taken for the wave to travel from A to M 
ee is r, then the time of oscillation of the point M 

is ¢ — 7 and the equation for the wave becomes 


M, 


yy = asin 27v (t — 7) ». ++ (1.25) 
but 7 = x/c, hence 
Yb = asin 2x7 (vt — vx/c) = asin an (vt — x/A) .... (1.26) 
which on differentiation gives 
d2/dx? = — gr2p/A?, d2yh/d12 = — gr? v2 »... (1.27) 


and 
d2yb/dx® = (1/c?) 97 /d0? .... (1.28) 
It is possible to generalize equations 1.27 and 1.28 to deal with plane 
waves in three dimensions. We then obtain 


ory OM a2 eae! ony 


x2 dy? dz2 = C 22 PRES (1.29) 
and ; 
yy dy dy qn 
Ix2 we ae eae (a »..+(1.30) 


This is the equation of wave motion. V2 (read as ‘ del squared ’) is the 
Laplacian opcrator and represents 

2 o? do? 
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THE SCHRODINGER WAVE EQUATION 
The wave mechanical treatment of atoms may be carried out in various 
ways, differing in mathematical complexity, but leading to the same 
general conclusions. We shall employ the methods of Schrodinger, not 
because they are superior to the treatments of Heisenberg and Dirac, but 
because of their rclative mathematical simplicity. 
The basis of wave mechanics is the wave equation of Schrédinger which 
can be obtained by the combination of the de Broglie relationship 
A = A/mv veel Leh) 
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with the equation of wave motion 1.30. The velocity v in equation 1.11 
is first expressed in terms of the total energy & and the potential energy V 
Thus the kinetic energy is given by 


T= —V = mv/2 eae AGOT) 


v= [2 E-¥) seats (N32) 


which on substitution in relationship 1.11 gives 
ee 
V/2m (E ~— V) woe (1.33) 
Substitution of this expression for A in the equation of wave motion 1.30 
then gives the Schrédinger wave equation 
0? 0? o? 822m 
oe tie set (E-V)¢=0 oo + (1-34) 


The steps leading to equation 1.34 must not be regarded as a rigorous 
derivation of the Schrédinger equation, since we have employed an 
equation of classical mechanics to obtain a wave mechanical expression 
from which the quantum condition of discrete energy levels may be 
devised. 

In the equation of wave motion 1.30 the quantity # referred to the 
amplitude of a wave ; no such simple idea can be attached to y in the 
Schrédinger wave equation 1.34, however, and before proceediug further 
we must consider the physical significance of this quantity. The wave 
equation may be applied to the hydrogen atom by substituting the approxi- 
mate value of the potential energy V in equation 1.34 ; the hydrogen atom 
consists of one electron with a charge — ¢, rotating about a proton with a 
charge + e and thus the potential energy of the system is given by 


whence it follows that 


V = — e*/r where r is the distance between the electron and the proton. 
The Schrédinger equation for hydrogen is therefore 
Sir? 2 
Vpt—ae (E+) y=0 ooo (1.35) 


The solution of this equation gives yas a function of r. Thus, in general, 
y will be a function of the coordinates of the space in which the electron 
moves, but we still cannot assign any particular physical significance to @. 
However, an analogy is found in optics where the intensity of a beam of 
light, which may be defined as the number of photons crossing unit area 
in unit time, is proportional to the square of the electric vector. In a 
similar way we may regard J? as a measure of the intensity of the electron 
wave or alternatively we may regard wdr, where dr is the element of 
volume dxdydz, as indicating the probability that the electron will be 
situated in the element of volume d7, t.e. that the coordinates of the electron 
lie between x and x + dx, y and y + dy and z and z+ dz. It would be 
more correct to write yw* or |] in place of ~?, where %* represents the 
complex conjugate of y. This is due to the fact that ~ may be partly 
imaginary. Thus, if we have # = a+ ib where 1 = \/ — 1, then ¢* 1s 
a—ib. The product py* = (a + ib) (a — ib) = a? + 5b? is real. On the 
other hand, p? = (a + ib) = a? 4+- 21ab — 6? is still imaginary because of 
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the term 2ia6. In the treatment given here we shall confine ourselves to 
instances where ¢ is real, and fy* = w?. 

This interpretation of ~ gives a different picture of the electron rotating 
about the nucleus compared with that of the Bohr theory. The electron 
is clearly not localized and may be found in any element of volume around 
the nucleus according to the varying probability of the different positions. 
If the probability of finding the electron in a certain position in space is 
one in ten, then in its motion about the nucleus the electron will exist in 
that position for one tenth of a given period of time ; for the remaining 
nine tenths of the time it will be found in other positions. We may alter- 
natively consider the electron as ‘ smeared’ over the whole of space in an 
uninterrupted cloud. Then if the probability of locating the electron in a 
given element of volume is one in ten this indicates that there is present 
in this volume one tenth of the electron cloud and therefore one tenth of 
the total electronic charge. Thus the charge is proportional to the density 
of the electron cloud at any particular point. 

It is possible to show that the attempt to localize the electron, as in the 
orbit of the Bohr theory, encounters insurinountable difficulties. In order 
to locate the electron orbit it is essential that at least two points on the path 
of the electron be fixed, thus it may be considered necessary to ‘ illuminate ’ 
the atom with light, which will have a wavelength of the same order of 
magnitude as the dimension of the orbit 7.e. ro-8 cm. ‘Taking the velocity 
of light as 3 x 10!°cm sec}, the energy of one quantum is EF = Nhvy = 
285,000 kcal/gm atom. The ionization potential of hydrogen, however, 
is only 312 kcal/gm atom and hence, on illumination, the atom receives 
Q13 times as much energy as is necessary to produce ionization and therefore 
instead of ‘seeing’ the electron and locating its position the electron is 
expelled from the atom. 

This illustration may be regarded as an example of Heiscnberg’s Un- 
certainty Principle, which can be stated in the following form : ‘ The more 
accurately the velocity of an electron is defined, the less certainly is its 
position known and, conversely, the more accurate the definition of the 
position of an electron, the less precise is the value of its velocity ’.. Expressed 
mathematically this becomes 

Av >k/ Ax »+ ++ (1.36) 
in which the velocity has a value between v and v + Az, aid the position 
of the electron is between x and x + 4x. The proportionality constant & 
is found to be equal to A/m and hence 


4xAv > h/m oo. (1.37) 


This principle enables us to make an appreciation of the relationship 
which exists between wave mechanics and classical mechanics. The right 
hand side of equation 1.37 is inversely proportional to m and hence for a 
very heavy particle A/m is very small, which makes it possible for the 
product 4x4 also to be very small. Under such circumstances it is there- 
fore possible that both 4x and 4u may be small and hence both the velocity 
and the position of the particle may be known with certainty. This applies 
in classical mechanics. When, however, m is very small as for atomic 
particles, A/m is large and thus either 4x or 4u but not both may be small 
and hence the position and the velocity cannot at the same time both be 
known with certainty. This is true for the mechanics of very small particles 
1.e. Wave mechanics. 
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The physical interpretation of %? given above carries with it the im- 
portant restriction that the summation of the probabilities of finding the 
electron at a particular point over the whole of space must be unity. 
Although ? is only proportional to the probability of locating the electron 
in a particular position it can be made the absolute probability in the 
following manner. For any solution ~ of the wave equation we may 
obtain other solutions by muluplying ~ by a constant c. Thus cy is a 
solution, if y% is a solution. This constant may now be fixed in order to 
make 2 the absolute probability. The total probability of finding the 
electron somewhere in space will then be unity 2.e. 


[ff vay Ya, yy UxdydZ = i pdr = 1 ex's (IE33) 


This process 1s termed normalization to unity. 

The Schrédinger equation is of such a form that the solutions % have 
significance only for certain values of £, a result which is analogous to 
that obtained with the equation for the vibration of a stretched string 
where only those vibrations are possible which have a whole number of 
semi-waves placed along the string. Thus the wavelength is fixed by the 
relationship A/2 = L/n where A 1s the wavelength, L the length of the 
string and n = 1, 2, 3 etc. In the Schrédinger equation, for each value of 
E there occur one or more values of % which are the solutions of the 
equation and as with the stretched string, it is found that these values of E 
are integral multiples of the lowest value. Thus the quantum nature of 
energy which was assumed in the Bohr theory appears in wave mechanics 
as the natural result of the solution of a mathematical problem. Schrédinger 
appreciated this advantage of wave mechanics over Bohr’s quantum 
mechanics and has stated® 

In this respect I wish to point out, first for the simplest case of the hydrogen atom, 
that the usual rules of quantum mechanics may be replaced by another postulate in 
which there is no inention of whole numbers. The introduction of quantisation then 
follows naturally as, for instance, in the solution of the problem of a vibrating string 


when the number of nodes must be a whole number. ‘The new conception may be 
generalised and touches I believe, very deeply, the true nature of quantum laws. 


SOLUTION OF THE WAVE EQUATION FOR THE HYDROGEN ATOM 


The solution of the Schrodinger equation for the hydrogen atom given 
in Chapter 18 leads to the conclusion that the energy of the atom may only 
have certain values which are given by an expression identical with that 
derived by the methods of Bohr. The theoretical calculation of the 
Rydberg constant follows in exactly the same way as in the Bohr treatment. 
The various values of E obtained from these solutions give the possible 
energy levels (eigen values) corresponding to the various permitted states 
of the atom. For,each state there exists also the appropriate wave function 
(eigen function) describing the behaviour of the electron in the atom. With 
a knowledge of these functions it is possible to determine the probability 
of finding the electron at different points in space and thus to imagine the 
existence of an electron cloud around the nucleus corresponding to the most 
probable positions of the electron for a particular atomic state. When the 
atom possesses the minimum possible energy it is in its ground state ; 
higher values of the energy correspond to the possible excited states of 
the atom. 

The Schrédinger equation shows that the state of the electron in the 
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hydrogen atom is expressed in terms of three quantum numbers n, l, and m 
which correspond to the three degrees of freedom of movement in space. 
The quantum number n, termed the principal quantum number, may 
have any positive integral value which determines the energy of the electron. 
For a given value of n, the azimuthal quantum number / may have any 
integral value between o and n—1. For a given value of / the third 
quantum number, the magnetic quantum number m may have any integral 
value from -+/to —J,te.+2,+1—1, +1 —2,..... +2,+1,0,—1,— 2, 
Gites , — 1; the total number of such values being 2/ + 1. 

In wave mechanics the quantum numbers a, / and m, are obtained 
directly from the theory. In the Bohr treatment, on the other hand, the 
value of / was associated with the magnitude of the minor axis of the 
elliptical orbit, and hence the lowest possible value of / was 1, since when 
l is zero the ellipse degenerates into a straight line and the electron during 
its motion would pass through the nucleus. Before the introduction of 
wave mechanics and the theoretical proof that / may have the value zero, 
it had been necessary to modify the Bohr theory, by putting / = 0 in order 
to conform with spectroscopic evidence. 

The physical interpretation of the quantum numbers n, / and m, whereby 
they are connected with the axes of the elliptical orbits and their orientation 
in space, is now no longer tenable and it is only possible to say that the 
principal quantum number a is related according to equation 1.8 with the 
total energy of the atom in a particular state, and the quantum numbers 
1 and m are related to the angular momentum. The angular momentum 
is given by {/ (J + 1) }! A/2a and its component in the direction of the z 
axis by mh/2m ; these expressions correspond to /h/27 and mA/2z7 respectively, 
given by the Bohr theory. 

When n = 1 we have shown above that / can only have the value zero. 
If n = 2 then / may have two values, either zero or 1. The electronic 
states for which / = o are termed s states whatever the value of n, and for 
1 = 1 they are termed p states. When / = 0, m may only have the value 
zero ; but when / = 1, m may have one of three values: + 1, 0, — 1. 
It thus transpires that for the value n = 2 there exist one 5 state and three 
p states. When the principal quantum number n = 3, the possible states 
are as follows: one with / =o (s state), three with /=1 (pf states, m 
having the values + 1, 0, — 1) and five when / = 2 (corresponding to the 
values of m: + 2, +1, 0, — 1, — 2 and termed the d states). We thus 

have nine states for the value 

Table III. Electronic States of the Hydrogen Atom ofn = 3. 

TT) Oe SCCOCCCCtC“‘“‘WSWWegn. nk. = 44, inn addition tld 
i Ci“(Cdsthhe@:saaboee’: States for 1 = 00, 1 
I Oo te) and 2, there are seven states 

ers When 1 = 3 (corresponding to 


3 
3 


i aie nee the values of m: + 3, + 2, 
ae —— + 1,0, — 1, —- 2, — 3) termed 
3 | O O J states. 
; § +1, 0,—1 From the above examples it 
ioe ee ae a is clear that it is a simple 
4 | 0 | ie matter to determine the total 
1 | ae ee ee number of possible electronic 
2 +2,+ 1, 0,—1,—2 states for any value of n, there 
3 | +3,+2,+ 1, 0o,— I1,— 2 


»— 3 being n values of / and (2/ + 1) 
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values of m for each value of /. Table III shows the states of the hydrogen 
atom between n = 1 and n= 4. These may be expressed in the form 


l_=n— 


1 
x = (22+ 1) = n? .... (1.39) 
1=0 

It will be shown in Chapter 2, when the building up of the periodic system 


of the elements is discussed, that the quantity n? is of great importance. 
As already pointed out, the energy of the hydrogen atom in any 


Table IV. Complete Wave Functions of the Hydrogen Atom 


n| 1! m | State Wave function 
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2 particular electronic state depends 
only on the value of the principal 
quantum number n and not on / 
and m. When n = 2 there are four 
possible states, one for / = o and three 
for / = 1 (see Table IJ] and equation 
1.39) ; the energies of these four states 

x are all equal although their wave 
functions differ. Such an instance 
where several different states, each 
corresponding to a solution of the 
Schrodinger equation, exist for the 
. oe same energy value, is an example o 

Figure 2, Relationship between spherical degeneracy. Thus the state of the 

coordinates 1, @ and and Cartesian co- : 

ordinates, x, 9 and z hydrogen atom when n = 2 1s four- 

fold degenerate. The idea of degen- 

eracy plays an important part in wave mechanics particularly in the appli- 
cation to the chemical bond. 

The solutions of the Schrédinger equation for the first three energy 
levels of the hydrogen atom are given in Table IV. The wave functions 
are expressed in terms of the spherical coordinates, 7, the distance of the 
electron from the nucleus and the angles @ and ¢. The relationship between 
spherical and Cartesian coordinates is seen in Figure 2. 

For the ground state of the hydrogen atom, n = 1, /| = 0, the function 
ys is dependent only on the distance r from the nucleus and not on the 
angles 6 and ¢; the function %o9 is given in Figure 3 (upper curve) as a 
function of r. It follows therefore since the probability of locating the 
electron in a spherical shell between r and r + dr will be 


D(r)dr = 199 X 4ar2dr = (4r?/a3) exp (— arfa). dr ....(1.40) 
that the atom of hydrogen 1s spherically symmetrical and that the proba- 


bility of finding the electron at any particular distance from the nucleus 
is the same regardless of the direction chosen. 


\ 


ee 
‘ nN 


Distonce from the Nucleus (r) 


Figure 4. Radial distribution function 


ee ; (D) for the 1s, 25 and 35 states of the 
Figure 3. WVartation of the functions hydrogen atom 
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Distance from the Nucleus (r) 


If we plot the function D(r) = $?,99 X 477° against r (Figure 4, upper 
curve) we see that the probability of finding the electron at a distance r 
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from the nucleus is small at small distances, due to the factor r?, and also 
at very large distances, due to the exponential term, and that there is a 
maximum value at intermediate distances. The value of r at this maximum 
value of D(r) represents the most probable distance of the electron from 
the nucleus and may be obtained by differentiating equation 1.40 and 
equating to zero. Whence 


dD(r) 8 2r 8 5 Or 
= ga eXP | — a as exp (— ) = 0 ....(1.41) 


a 


which reduces to 


1=a acai 42) 
It may also be shown (Chapter 18) that 
a = h?/4r?me2 = 0:528A ». ++ (1.43) 


Thus the maximum density of the electron cloud is found to occur at a 
distance from the nucleus exactly equal to the normal Bohr orbit (see 
equation 1.4). 

In spite of this agreement between the Bohr theory and the wave 
mechanical treatment as to the magnitude of the electron orbit in the 
ground state of the hydrogen atom, it is important to appreciate the very 
great differences which exist between the two theories. In the Bohr theory 
the electron may be found only at a fixed distance, t.e. 0-528 A, from the 
nucleus ; in the wave mechanical treatinent on the other hand the electron 
may exist at any distance from the nucleus but the most probable position 
is ato-528A. Thus the hydrogen atom in its ground state may be regarded 
as a nucleus surrounded by a continuous electronic cloud having the form 
of a sphere (Figure 5) the probability of finding the electron in a certain 
spherical laycr increasing with the distance from the nucleus up to 0-528 A 
and then decreasing. At 1A the density of the electron cloud is very small. 

For the excited states of the atom of hydrogen, different types of electron 
clouds occur. When n= 2,/ may be o or 1. If the first, when n = 2, 
{= 0, m=0 ve. in the 2s state, the function 9) again depends only on 
the value of 7 (Table IV) and the electron cloud possesses spherical symmetry. 
The plot of function y,99 against 7 is, however, very different from that of 
Boo (Figure 3) in that the value of #99 becomes zero at a finite value of r 
as well as when r is zero and infinity, whercas ¥,99 is zero only when r is 
zero or infinity. This behaviour is reflected in the plot of the probability 
function D(r) against r (Figure 4) since, when #~=0, D(r) =o. The 
distribution of the electronic cloud for the 2s electrons of the hydrogen 
atom may be imagined in the following manner. The density of the cloud 
increases as the distance from the nucleus increases, passes through a low 
maxinium and falls to zero ; the density then increases again as r increases 
and passes through a second higher maximum, the position of which 
corresponds to the radius of the second Bohr orbit and finally approaches 
zero as r tends to infinity. The complete electron cloud thus has the 
appearance of a sphere surrounded by a second spherical shell as shown 
in Figure 5. 

When /=1 (n= 2, 3, 4 etc) the wave functions depend not only on 
the distance of the electron from the nucleus but also upon the direction ; 
thus % is dependent upon 7, 6 and ¢ (see Table IV). The physical picture 
of these p states is somewhat more complex than that of the s states. In 
the Bohr-Sommerfeld theory orbits with the same value of n but different 


13 


THE STRUCTURE OF MOLECULES 


= 0, s orbital 
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= |, p orbitals 
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Figure 6. Angular distribution functions for different electronic states of the hydrogen atom 


values of / were distinguishable by their different eccentricities, and the 
ratio //n represented the ratio of the minor to the major axis of the ellipse. 
This picture is no longer tenable for the wave mechanical treatment and 
when the wave functions are shown graphically it is found that when 
1 = 1, the electronic cloud has a form resembling an elongated figure eight 
(Figures 5 and6). In place of the spherical symmetry of the electron clouds 
associated with the s electrons, there exists for the f electrons a maximum 
density in a particular direction which will be shown later to play an 
important part in the formation of directed valency bonds. 

Wave functions which have the same value of / but different values of 
m describe electronic states having the same angular momentum as well 
as the same total energy, but in which the orbits are differently oriented 
in space. In the old quantum theory, the orbits were considered to be 
oriented at different angles to an arbitrarily fixed axis, but according to 
wave mechanics the three electronic clouds of the three f states are elon- 
gated figures of eight which are perpendicular to one another. 

When the principal quantum number has the value three, the 35 clectrons 
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will also possess spherical symmetry (Table IV), but the 55) function 
becomes zero at two intermediate values between zcro and_ infinity 
(Figure 3). The electron cloud thus consists of an inner sphere and two outer 
spherical shells (Figures 4 and 5) and the last maximum (Figure 4) coincides 
with the third Bohr orbit. The electronic clouds for the 3f electrons 
(n = 3, /= 1) are the same as those described above for the 2p state. 
When n = 3 and / = 2, there appear for the first time the d states ; these 
five states correspond to the values for m of + 2, + 1,0, —1, —2. For 
m = + 2 the electronic clouds have the form of an elongated figure eight 
(Figures 5 and 6) and when m = +1 or O the electronic clouds have the 
more complex shapes shown in Figure 6. 
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PERIODIC CLASSIFICATION OF THE 
ELEMENTS 


THE PROBLEM OF ATOMS CONTAINING MANY ELECTRONS 


Oovr present knowledge of the structure of atoms which has been developed 
through quantum and wave mechanics permits an explanation of the 
periodic law, which forms the basis of the periodic table of MENDELEEFF. 
The formulation of this law was a very important step in the development 
of chemical theory and by means of the periodic classification of the elements, 
Mendeléeff succeeded in removing several apparent anomalies which existed 
at that time. Of the sixty four elements known to Mendeléeff, considerably 
less than the total number were included in the table. Several of the 
atomic weights accepted at that tiine were altered in order to permit the 
elements to fit into the classification: e.g. uranium was corrected from 
120 to 240, and the oxide given the formula UO, in place of U,O; which 
had been suggested by PELticor; the atomic weight of beryllium was 
changed from 13:5 to 9, indium from 75:6 to 113, thorium from 116 to 232 
and cerium from g2 to 138. The atomic weights of platinum, osmium, 
iridium, gold, titanium, lanthanum, yttrium and erbium were also changed. 
Furthermore in order to arrange the elements in order of their chemical 
behaviour it was necessary in several cases to change the previously accepted 
order based on atomic weight. These changes were nearly all subsequently 
proved to be correct and only in a few cases such as iodine, tellurium, cobalt 
and nickel was the original Mendeléeff classification found to be incorrect. 

Several early attempts were made to put the periodic classification on a 
theorctical basis but without success. The periodicity of the elements occurs 
after 8 and sometimes after 18 elements, forining the short and long periods 
of the table, and if an attempt is made to correlate this periodicity with 
some function of the element e.g. the valency, no simple gencral relationship 
is found to exist. 

The discovery of the rare gases of the atmosphere by RayLeicu and 
RamsEY following Rayleigh’s observation that the nitrogen obtained from 
air is heavier than that obtained by chemical decomposition, resulted in 
the completion of the groups of the periodic table by the formation of a 
zero group, the introduction of which did not necessitate any rearrangement 
of the remaindcr of the elements. The zero group was placed between the 
most electronegative non-metals and the most electropositive metals ; thus 
neon came between fluorine and sodium, argon between chlorine and 
potassium, krypton between bromine and rubidium and xenon between 
iodine and caesium. The importance of the introduction of the zero group 
lay in the fact that each period, whether short or long, ter:ninated with an 
element having zero valency, thus suggesting a completion of some stage 
in the structure of the atom. 

A further advance in the understanding of the periodic law arose from 
the discovery by MosELEyY that the atomic number is more fundamental 
than the atomic weight in determining the position of a particular element 
in the periodic classification. The considerable amount of evidence on 
which the periodic table was built made it clear that this sequence of the 
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elements is not a coincidence but must be founded on some natural law, 
yet the solution of this problem was not ultimately reached until the 
introduction of quantum mechanics. 

In the previous chapter it has been shown that a satisfactory description 
of the structure of the hydrogen atom may be obtained by means of wave 
mechanics. ‘The problem considered was a comparatively simple one, 
since in the atom of hydrogen there is only one electron, which results in 
a simple expression for the potential energy viz — e?/r and in this case 
Schrédinger’s equation may be solved exactly. In other atoms there is not 
one, but several electrons and if the behaviour of each electron in a poly- 
electron atom did not depend upon the presence of the others 2.¢. if its 
behaviour were determined only by its attraction to the nucleus, then the 
Schrédinger equation for that atom could be divided into several equations 
for a hydrogen atom, depending on the number of electrons, in which the 
expressions for the charge on the nucleus e would be replaced by <e, where 
& is the atomic number. However, in addition to the attraction to the 
nucleus, the electrons mutually interact, repelling each other according to 
Coulomb’s law. The mutual repulsion energy is e?/ru4, where 7 is the 
distance between the two electrons. The potential energy term for a poly- 
electron atom will consist therefore, of a series of terms of the type — <e?/r, 
where r, is the distance of the electron from the nucleus, representing the 
attraction energy between the electron and the nucleus, and a series of 
terms of the type e?/ra representing the repulsion energy between various 
pairs of electrons. The complexity of the resultant potential energy term adds 
greatly to the difficulty of producing an exact solution of Schrdédinger’s 
equation for the polyelectron atom. However, without actually solving the 
complete equation, it is possible to obtain valuable information concerning 
the distribution and behaviour of the electrons by using the solutions for 
the hydrogen atom. 

If we neglect the interaction of the electrons with each other we may 
consider any atom as being ‘ hydrogen like’. It is obviously impossible by 
this means to obtain any correct data for energy levels of the atom con- 
sidered, but nevertheless it is possible to form a qualitative picture of the 
atomic system and to arrive at a theoretical explanation of the periodic law. 
Proof as to the validity of the deductions made is forthcoming from spectro- 
scopic data and from the chemical behaviour of the elements. 


PAULIS EXCLUSION PRINCIPLE AND ELECTRON ORBITALS 


The possible states of the electron in the hydrogen atom have already been 
described in Table III, and the same states are permissible in hydrogen-like 
atoms. The fundamental question now arises as to how the various electrons 
in a polyelectron atom are distributed throughout these positions. It will 
be clear from our knowledge of the elements that certain restrictions, 
limiting the number of possible electronic states, will have to be introduced. 
The three quantum numbers, n, /, and m, which we have so far discussed 
are, however, insufficient for a complete description of the behaviour of an 
electron. It would appear that in addition to these quantities, an electron 
possesses an angular momentum, with which is associated a magnetic 
moment, given by the expression Vs(s + 1). h/27. This property of the 
electron, generally referred to as electron spin, was introduced by UHLENBECK 
and GoupscHmipT?! in order to explain the multiple splitting of spectral 
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lines. The factor s in the above expression is termed the spin quantum 
number and can only have the values + 1/2. 

The fact that the phenomena of electron spin is not derived from the 
Schrédinger equation is a weakness of this treatment. The relativistic 
quantum mevhanics of Dirac, however, which has been developed up to 
the present only for a single particle, does lead to a description of the par- 
ticle in terms of four quantum numbers, one of which determines the spin. 

The two values of the spin quantum number may be regarded as corre- 
sponding to the two possible orientations of the spin angular momentum 
with respect to the orbital angular momentum. The resultant angular 
momentum is described in terms of a quantum number 7, which has the 
values / + 5, and the corresponding values of the angular momentum are 
given by Vj(j +1). h/27. If any two electrons in an atom have the same 
value of the spin quantuin number it 1s considered that the electron spins 
are orientated in a parallel manner, this behaviour we shall denote by two 
arrows pointing in the same direction ( f). If, however, the two electrons 
have different values, wiz s = 4-1/2 and s = — 1/2 then the spins are 
antiparallel, which we shall represent by two arrows pointing in the opposite 
directions (| ft). 

Having defined the four quantum numbers n, l, m and s which describe 
the electron, we may now return to the problem of the possible electronic 
states of a polyelectron atom. These are defined by the Pauli exclusion 
principle, which states that no two electrons in the same atom can possess 
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Figure 7. Approximate stability sequence of atomic orbitals 
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the same values of the four quantum numbers. Thus if two electrons in an 
atom have identical values of n, / and m it must follow that their spins are 
antiparallel. Electronic states corresponding to definite values of n, 1 and m 
are termed orbitals. Each orbital will thus accommodate, according to the 
Pauli principle, two electrons with antiparallel spins. The term orbital 
has arisen from the Bohr theory and it must be remembered that its use does 
not imply a fixed electronic orbit as conceived in the original theory, but a 
particular probability distribution in space, as defined by wave mechanics. 

The periodic classification of the elements is derived directly on the basis 
of Pauli’s principle. In the formulation of the periodic system it is necessary 
to explain the order in which the electrons assume their various states, 1.¢. 
into which orbital the electron falls when we pass from an atom with atomic 
number Z to the succeeding atom with atomic number < + 1. Each electron 
will occupy the state possessing minimum energy, and as has been shown 
for the case of the hydrogen atom, the energy is dependent only on the 
principal quantum number n as given by equation 1.8. In polyelectron 
atoms the dependence of energy on quantum number is, however, more 
complicated, being determined not only by the principal quantum number 
n, but also by 7. As a general rule an s orbital (J = 0) 1s more stable than 
a p orbital (1 = 1), which in turn is more stable than a d orbital (/ = 2). 

For the higher quantum numbers the relationship between the energy 
values of the orbitals is more complicated (see Figure 7). ‘Thus for example, 
the 45 orbital (n = 4, / = 0) is more stable than the 3d orbital (n = 3,1 = 2). 
This complexity does not permit a construction of the electronic distribution 
of the elements on the basis only of the analogy to a hydrogen like atom 
and it is necessary for each element to use the spectroscopic data to 
determine the electronic states. The sequence of the distribution thus 
obtained can, with only a few exceptions, be expressed by the data given 
in Figure 7. 


DISTRIBUTION OF ELECTRONS IN ATOMS 
The values which may be given to the four quantum numbers are as follows : 


2 l= 0, 1, 2, 3...... nm — 1 corresponding to the s, pf, d, fj...... states 
respectively 


3 to each value of / there are 2/ + 1 values of the magnetic quantum 
number m which has values from + / to —/ 


4 to each value of n, / and m there are two values of s, + 1/2 and — 1/2. 


These restrictions on the values of the various quantum numbers represent, 
together with the Pauli exclusion principle, the basis of the periodic 
classification. 

When n = 1, / = o and m = 0, s may have the values + 1/2 ; it therefore 
follows that the first orbital, z.e. when n = 1, can accommodate no more than 
two electrons. Ifa third electron was introduced into this orbital, it would 
also have the values n = 1,/ = 0, m = oand either s = 4+ 1/2 or — 1/2 and 
thus would correspond exactly to the state of one of the electrons already 
contained within the orbital, its entry is thus prohibited by the Pauli 
principle. ‘These deductions are in direct agreement with the periodic 
classification of the elements in which the first two elements, viz hydrogen 


19 


THE STRUCTURE OF MOLECULES 


and helium, complete the first period. The electronic formula of the 
hydrogen in its ground state will therefore be, 


H Is 
and of helium He 1s? 


The figure on the left gives the value of the principal quantum number, the 
letter represents the value of / and the superscript the number of electrons 
associated with a particular value of / for that atom. 

When n = 2, / can have the values 0 and 1 and hence both s and # orbitals 
are permissible. If / = 0, then m =o and this orbital may contain two 
electrons having the values of s + 1/2 and — 1/2. When / = 1, three values 
of m are permissible, z1z + 1, 0, — 1 and to each of these orbitals there 
may be ascribed the values s = + 1/2. Thus when the principal quantum 
number has the value 2, there exist one s and three p orbitals which may 
contain 2 and 6 electrons respectively, 1.e. eight in all. These four orbitals 
permit the construction of the second period of the Mendeléeff table con- 
taining eight elements. 

When n = 3, by following the same arguments as given in the preceding 
paragraph, it is seen that there will be one s and three p orbitals, together 
with five d drbitals for the case where / = 2 when m has the five values 
+2, + 1,0, — 1, — 2. Since each orbital can accommodate, according 
to the Pauli principle, not more than two electrons with opposite spins, it 
follows that where the principal quantum number has the value 3, the 
complete shell can accommodate 2 + 6 + 10 = 18 electrons. 

In general, for a particular value of the principal quantum number, there 
cannot be more than two 5, six p, ten d and fourteen f electrons and the 
total possible number of electrons for a given value of n is therefore equal to 
an*, Thus the introduction of the concept of spin leads to the doubling of 
the number of possible electronic states (equation 1.39). The possible distri- 
bution of electrons for a hydrogen like atom is shown in Table V and it is 
seen that the series 2, 8, 18, 32, . . . which has arisen from the application 
of the Pauli principle is in agreement with the numbers of elements 
occurring in the periodic table of Mendeléeff. The electron shells with 
values for the principal quantum number 1, 2, 3, 4, ¢fc are often referred 
to as the A, L, AL, N, etc shells. 

Let us consider the derivation of the electron configuration of the 
elements from lithtum to neon which constitute the second period of 
Mendeléeff’s classification. The distribution of the electrons in the ground 
positions of the atoms is given below. In the atom of lithium, the first two 
electrons occupy the rs position, the third electron according to the Pauli 
principle must fall into the electron shell having the main quantum number 
equal to two. The electron accordingly occupics the position of minimum 
energy within this shell, which is the 25 orbital. 


Li Be B C 


1s*2s rs22se2 1s25%2p rs%as5t2p 
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N O F Ne 
1s%2572p* 15?2572p8 1s*2572p% 25725726 
at 
n= v4 


In the atom of beryllium the fourth electron completes the 2s orbital 
and thus with boron the fifth electron must enter a 2p orbital. The 
additional electrons of carbon and nitrogen each occupy a 2 orbital 
as shown in the diagrams above. Once the three 2 orbitals contain 
an electron each, the introduction of further electrons, as in the atoms 
of oxygen, fluorine and neon, bring about the completion of these 
orbitals. With neon the electronic shell n = 2 is completed since 
all the possible eight electron positions are filled and in accordance with 
this, the second pcriod of the periodic classification contains eight 
elements. 


The eighth element of the second period, neon, possesses several chemical 
peculiarities when compared with the other elements of this series. The total 
spin angular momentum will be zero, since the spins of the separate electrons 
in each orbital are antiparallel, and furthermore, the total angular 
momentum will be zero. Experimental observation of the properties of 
neon makes it possible to relate the completion of an electronic shell with 
chemical inactivity. 


In the elements of the second period the following numbers of unpaired 
electrons occur : 


I o | 2 3 2 I ) 


These numbers of unpaired electrons are significant since they indicate the 
number of electrons which may be accommodated in that shell through 
compound formation. Thus these numbers indicate the valency of the 
element. Both hydrogen and lithium possess a single unpaired electron 
and are accordingly monovalent ; helium and neon in which no unpaired 
electrons occur have zero valency. Oxygen having two unpaired 
electrons is divalent ; nitrogen with three, trivalent ; fluorine with one 
monovalent and carbon with two may, under certain circumstances, be 
divalent 


However, for beryllium, boron and carbon there appears to be no 
relationship between the chemically observed valency and the number of 
unpaired electrons. Beryllium is always divalent, boron trivalent and in 
the majority of its compounds carbon is tetravalent. It might have been 
supposed that the case of beryllium was analogous with that of helium, 
since both elements have a completed s orbital, but beryllium as distinct 
from helium has, along with the 2s orbital, three 29 orbitals. The excitation 
of an electron in an helium atom from the 1s to the 2s state requires the 
absorption of a considerable amount of energy (460kcals). In the atom 
of beryllium, however, owing to the comparatively insignificant differ- 
ence in the energies of the 25 and 2 states (62kcals) unpairing of the elec- 
trons is possible. Thus beryllium may be regarded as possessing either 
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the unexcited (ground) state or an excited state having the electronic 
formula : 


Be* 
15?252p 


the asterisk* denoting an excited state of the atom. In this state the atom 
of beryllium has two unpaired electrons and hence is divalent. The energies 
of excitation of beryllium and other Table VI. Excitation Energies of 
elements in that group of the periodic Group IT Elements 

table are known from spectroscopic 


measurements and are givenin Table VI. Element | Electron transition | Energy 


As is to be expectcd the excitation energy | keals 
decreases with increasing atomic number. Be | aes seam 3 es 

In exactly the same way for the atoms Mg + 9s? 9539p i 62 
of boron and carbon one of the 2s elec- Ca | 4s? asap | 43 
trons may be transferred to a vacant 2p 4 eed SP 41 
orbital so that the electronic configura- aaa. 3 
tions will be: 

B* C* 
Is?2s2p* 15?252p3 


The excited atom of boron has three unpaired electrons and is consequently 
trivalent and the excited atom of carbon has four unpaired electrons and is 
tetravalent. Thus the numbers of unpaired electrons in the atoms of the 
second period may now be written as 


Li Be* B* C* N OF _ Ne 
I 2 3 m 3 2 I O 


and this order follows exactly the valencies of these elements. 


For the atoms of nitrogen, oxygen and fluorine, such excitation processes 
would not change the number of unpaired electrons since in the atoms of 
these elements there are no vacant 2p orbitals. In order to increase the 
valency of nitrogen a transfer of a 25 electron to a 3s state would be necessary. 
Such a transition however, would involve too great an amount of energy 
for the resulting state to be of significance in determining the valency of 
nitrogen. Thus nitrogen cannot be five covalent, and in those compounds 
where nitrogen may be considered as being pentavalent there is in fact one 
electrovalent bond together with four covalent bonds, as in NH,+ and the 
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nitro group. These compounds will be considered later. Thus the ability 
of an element to enter into chemical combination may be lacking in atoms 
in an unexcited state, but may be present as the result of excitation or ioniz- 
ation, either process involving the expenditure of energy. 

The distribution of electrons in the p orbitals given above is not immediately 
apparent. For example, it would be possible for the two p electrons of carbon 
to be placed in one 2 orbital, or the three f electrons of nitrogen to be 
placed not in three different orbitals but in two, viz 


The accepted distribution of the p electrons is based on spectroscopic data, 
which leads to the following rule: for a given value of /, electrons are 
distributed in such a way that the number of unpaired electrons with parallel 
spins is a maximum, and hence the total spin angular momentum is also a 
maximum. ‘This rule, known as Hund’s law’, depends on the fact that 
states with a maximum number of electrons with parallel spins is the most 
probable arrangement on the basis of energy consideration. Thus for the 
ator of nitrogen the state with three unpaired electrons is more probable 
than the state with only one unpaired f electron since an excitation energy 
of 55 kcals is required to convert the former into the latter state. Similarly 
for the atom of oxygen, the state with two unpaired electrons 


At Ly Ly 
2p 


25S 


is more stable by 45 kcals than the state with no unpaired electrons 


wT 
Qs 2p 
and for carbon the energy difference between the two states 


vty yy 
2p 


25 


and 
velit [| 
25 2p 


is 29 kcals. The spectral terms for these states are as follows?: for nitrogen 
$$. and 2D, for oxygen 3P, and 1D, and for carbon 8P, and 1D,. 

Sodium, the element following neon, possesses similar chemical properties 
to lithium ; this is understandable on the basis of the electronic formulae 
of these atoms since after the completion of the second electronic shell with 
neon, the next electron can occupy only the 3s orbital. 
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Na 
15725°2h835 


The process of the completion of the electronic shell is repeated as for the 
second period elements and is shown by the electronic formulae : 


Mg _ 15? 25? 268 35? Wt fd 
Al 15? 25? 2p% 357 3p 
Sirs? 252 2p8 357 3h? WATS Te] | 
P 1s? a5? ap% 357 3p° 
S 15? 25% 268 35? 364 
Cl 1s? 257 268 357 3p5 
Ar 15? 2s? 298 357 398 


The number of unpaired electrons in the unexcited states of the atoms of 
the third period are the same as in the second period : 


Na Mg Al Si P S Cl Ar 
I O I 2 8 2 I O 


and considering the excitation from the 35 to the 3 state : 


Na Mg* Al* Sit PS Cl Ar 

I 2 3 4 3 2 I 0) 
and thus the fundamental valencies of these elements are the same as the 
corresponding elements of the second period. The behaviour of the elements 
in the various groups is, however, not entirely analogous as the difference 
in energy between the 3 and 4s states is less than that between the 2p and 
2s states, and elements of the third period, much more readily than those 
of the second period, are transferred to an excited state with a corresponding 
increase in the valency. In addition, in the third period there exist the 
3d states comprising five orbitals which permit, by electronic excitation, 
an increase of valency. These views are exemplified in tne behaviour of 
fluorine and chlorine. Fluorine is always monovalent, whereas chlorine 
gives a series of compounds with oxygen e.g. Cl,O, Cl,O3, ClO,, etc, which 
clearly involve a variable valency, which can only occur by the excitation 
of 3 electrons to 3d and 4s states. Similarly oxygen is divalent, whereas 
sulphur possesses a variable valency. These differences in behaviour can 
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be explzined only in terms of energy relauonships. If electronic excitation, 
invoha ing the unpairing and increase in the number of unpaired electrons, 
requires an expenditu: of energy which can be accounted tor from a know- 
ledge at bond energies, tren 2a variable valency 1s possible. If on the ozher 
hand the endothermic electronic excitation energy is greater than the 
exochermi combinztion of the arcoms. then that ‘particular element wl 
possess only 2 s ance valency state. Thus the very high electronic excitation 
emerev of helium, 160 keals. prevents 1t from being a reactive element. 

In the atom of argon, only the 35 and 3¢ orbitals are occupied, but in 
this electronic shell there exist also the five 32 orbitals. The energy or the 
3g states, however. ts consider2bly creater chan that of the 34 and 1s in fact 
greater than that of the + orbital. I: is this fact which results in the inert 


4 


Character of * areon and makes it comparable with neon. 1¢ electrons of 
the cwo succeeding elements potassium and calcium "thes accupy the 45 
orniza! which. as indicated above, 1s more stable in the case of these elements 


than che 3s orditals. Thus 2 fourth period ts commen ae The occupation 

ithe 32 orbizals commences only wi ich the next element. scandium, aiomuc 
murder 21, in which the 32 state has a lower energy level than the 44 state. 
The enerev rela tionships oi the 3£: 32 and 4s states are known empirically 

from the spectroscopic dara: a theoretical 2 attempt to deal with this prob- 
eee has been mace by Ferra? who has pictured the 2tom as an electron cloud 
existing in the field of the nucleus. On passing from one atom to the next, 
the new electron occupies ihe energy level Ravine the lowest energy, a fact 
in sccordance with Pauli’s principle. This approach leads to the prediction 
shat the formation of 5, 4, Fand “states will start ar the rst, fifth, twentv- 
Arst and ifnv-nma elemenss. Experimen: shows that the s electron appears 
Mrst with he arog en. ztomic number 1. the 4 ¢ electron with boron, atomic 


number 5, the ¢ electron with scandium, atomic number 21 and the f 
elecron with cerlum. 2tomic num! he 


Tre eleccronikc configuration of the atom of scandium is: 


Tr2 


Se 


1572572483523 5 5*3 e 


From scandium to vanadium. atomic number 23, there occurs a further 
Allme of the 32 orbitals and hence the electronic formula of vanadium 1s 


Vo 1:2 252 2¢8 352 3e8 3e3 452 


Wich the next element, chromium, however, it appears thai for the first ume 
in the construction of the periodic classification an element does not retain 
the electronic conAguraction of the previous atom. Thus in the atom of 
chromium there is onbr one 45 eleciron and five 3¢, in place of the two 4s 
and tour 32 electrons which might have been expected. The electronic 
formule tor chromium is theretore 


Cr 15* 25° 255 35° 368 3a? 45 
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and it must be assumed that this configuration 1s more stable t.e. has a 
lower energy value than the predicted formula 


Cr 1s? 25? 268 35? 36 3d4 452 
In the next element, manganese, the 45 orbital is completely filled and it 
has the formula 

Mn 15? 25? 26% 35? 35® 3d> 45? 
With the elements iron, cobalt and nickel the 3d orbital continues to fill 
up and finally, with copper in which one 4s electron transfers to the 3d 
state, the filling of the 3d orbitals is completed 

Fe 15? 25? 268 352 34° 376 45? 

Co 1s? 2s? 2p8 35? 3p® 3d% 45? 

Ni 1s? 25? 298 35? 356 373 452 

Cu 1s? 25° 268 35? 36§ 321° 45 
After copper, the next element zinc, fills the one free place in the 4s orbital 
and the succeeding six elements, from gallium to krypton, fill the 4% orbital, 
and the period ends with the following configuration for krypton 

Kr 15? 25? 268 357 366 3d1° 4s? 458 

The fourth period, as has been shown above, begins with the filling of 
an s orbital, which is in agreement with the chemical similarity of potassium 
and calcium with sodium and magnesium respectively. After this orbital 
has been completed, however, the elements which follow show new properties, 
such as a variable valency. The reason for this behaviour is that the 3d 
orbitals are being filled and the difference in energy of the 3d, 45 and 4p 
states is small so that electronic excitation, producing an increased valency. 
may easily occur. It is difficult with elements such as chromium, manganese, 
iron, cobalt and nickel to determine the value of the unexcited valency 
although it is possible to determine the number of unpaired electrons. The 
valency may be more or less than the number of unpaired electrons and the 
position is complicated by the tendency to form electrovalent or ionic bonds 
in addition to covalent bonds. 

After the completion of the 45 and 4 states with krypton, a fifth period 
commences. As in the fourth period the 5s orbital is more stable than the 
4d or 4f states and is filled by the elements rubidium and strontium. The 
occupation of the 4d orbitals commences with the next element, yttrium 
and continues normally for the next element. With niobium however, the 
spectroscopic data show that one 5s electron has also been transferred to 
the 4d state, and a single electron occurs in the 55 orbital up to the element 
rhodium, atomic number 45. In the next element, palladium, the remaining 
55 electron is also transferred to the 45 state, which is thereby completely 
filled with ten electrons 

Pd = 15? 25? 268 35? 366 3d? 457 4p6 470 
The remaining elements of the fifth group, beginning with silver and ending 
with xenon fill the 5s and 59 orbitals. The 4 / orbitals which remain unfilled 
in the fifth period are filled in the sixth period after caesium and barium 
which occupy the 6s orbital and lanthanum which has the electronic formula 
La 15? 25% 268 352 346 3dl° 452 456 402° 55° Sp® Sd 65? 
Fourteen electrons are distributed in the seven 4/ orbitals and form the 
lanthanons, or rare earths. These elements possess a common outer 
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Table VII, Electron Configuration of Atoms in their Normal States 
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Table VII, Electron Configuration of Atoms in their Normal States—continued 


Element Mie. Ge) | M | N O | Pp jo 


Number kiet aw | ow» [| oe |» |e 
Is] 25 2p 35 3p 34/45 4p 4d af | 55 5p 5d 5f| 6s 6p 6d} 7s 

In 49 212 6/2 6 10/2 6 10 2 1 
Sn 50 2/2 6/2 6 10]2 6 10 2 2 
Sb 51 21/2 6/2 6 10|}2 6 10 2 3 
Te 52 2/2 6/2 6 10/2 6 10 2 4 
I 53 2/2 6)2 6 1t10]2 6 10 25 
Xe 54 21/2 6/2 6 10/2 6 to 2 6 
Cs 55 6/2 6 10/2 2 10 2 6 I 
Ba 56 | 2/2 6;2 6 10/}2 6 10 2 6 2 
La 57 2 6;2 6 10]2 6 10 26 1 2 
Ce | 58 21:2 6/2 6 10/2 6 10 1);2 6 1 2 | 
Pr 59 2/2 612 6 10/2 6 10 2/2 6 1 2 
Nd 60 2/2 6/2 6 10/2 6 10 3/2 6 1 2 
Pm 61 2/2 6/2 6 10;2 6 10 4/2 6 1 2 | 
Sm 62 2/2 6/2 6 10/2 6 10 5/2 6 1 2 
Eu 63 2;2 6/2 6 10}2 6 10 6);2 6 1 2 | 
Gd 64 2,2 6/2 6 10/2 6 10 7/2 6 1 2 
Tb 65 2\/2 6/2 6 1o]/2 6 10 8/2 6 1 2 | 
Ds 66 2\|2 6/2 6 10}/2 6 10 g/2 6 1 2 | 
Ho 67 2!2 6/2 6 10|2 6 10 10}/2 6 1 2 | 
Er 68 2/2 6/2 6 10}/2 6 10 11/2 6 1 2 
Tm 69 2}2 6!2 6 10|/2 6 ro 12/2 6 1 2 
Yb | 70 2/2 6 | 2 6 10/2 6 10 13/2 6 1 2 
Lu «= 7! 2/2 6/2 6 10!2 6 10 14/2 6 3 2 
Hf | 72 2)2 6 | 2 6 10/2 6 10 14/2 6 2 2 | 
Ta |! 73 2/2 6/2 6 1o|/2 6 10 14/2 6 3 2 
W | 74 2|2 6);2 6 10/2 6 10 14|2 6 4 2 | 
Re 75 2/2 6/2 6 10/2 6 10 14/2 6 5 2 | 
Os % |2l2 612 6 1/2 6 1 14/2 6 6 |e | 
Ir 77 2'2 6};2 6 10/2 6 10 14;2 6 9g 
Pt 78 2,2 6/2 6 10|]2 6 10 14/2 6 9g i 
Au | 79 2/2 6/2 6 t10;2 6 10 14 | 2 6 10 1 
He ! 80 2/2 612 6 10/2 6 10 14]2 6 10 2 
Tl | 81 2{2 6/2 6 10 | 2 6 10 14/2 6 10 2 1 
Pb =: 82 | 2,2 6;2 6 10;2 6 10 14}2 6 10 2 2 
Bi | 83 212 6!2 6 10|2 6 10 14/2 6 10 2: 3 
Po 84 21/2 6/2 6 10/2 6 10 14|!2 6 10 2 4 
Ar | 85 2!2 6/2 6 10}2 6 10 14}2 6 10 2 5 
Rn 86 21/2 6/2 6 10/2 6 10 14/2 6 10 2 6 
Fr | 87 21/2 6|2 6 10;2 6 10 14]2 6 10 6 I 
Ra 88 2/2 6/2 6 10/2 6 10 14/2 6 10 2 6 2 
Ac 89 212 6/2 6 10}2 6 10 14!2 6 10 6 1/]2 
Th go 21/2 6|2 6 10/2 6 10 14/2 6 10 1/2 6 1/2 
Pa g! 2/2 6/2 6 10o}2 6 10 14]}/2 6 10 2/2 6 1); 2 
U 92 2/2 6{2 6 10/2 6 10 14/2 6 10 3/2 6 1/2 
Np 93 2}2 612 6 10]/2 6 10 14/2 6 10 4]}/2 6 1} 2 
Pu 94 212 6/2 6 10/2 6 10 14/2 6 10 5/2 6 1)]2 
Am 95 2'2 6/2 6 10}2 6 10 14]2 6 10 6/2 6 1/2 
Cm 96 2/2 612 6 10!2 6 10 14/2 6 10 7/2 6 1/2 
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electronic structure, the arrangement being 5s? 5® 5d 6s? and differ only in 
the number of deep-lying 4 felectrons. The similarity of chemical behaviour 
of these elements is thus understandable since chemical behaviour is deter- 
mined, in general, by the outer electrons. 

After the completion of the 4 f state, the 5d orbitals continue to be filled, 
the first element in this series being hafnium with the electronic formula 
Hf 1s? 2s? 266 3s? 36 3d! 452 468 4d19 4/14 5s? 548 5a? 65? 

This formula permits the conclusion to be made that this element, atomic 
number 72, is not a lanthanon, but is an analogue of zirconium. In this 
way the quantum theory has limited the number of lanthanons to fourteen 
elements, for which there was no previous criterion, and indicated the 
correct place of the element hafnium, similar to the way in which Mendeléeff 
predicted correctly the positions of galltum, germanium and scandium. 

The electronic configuration of all atoms is shown in Table VIJ and the 
periodicity of the elements in Tables VIII and LX. Table VIII is based on 
that of Mendeléeff but whereas the division of the elements into groups 
and subgroups was originally empirical, it is now shown to be based on the 
electronic structure of the atom. Under each subgroup there is given the 
distribution of the outer electrons. On the right hand side of the table is 
given the electronic configuration of the penultimate shell and the main 
quantum number of the outermost electrons. The superscript given to each 
symbol refers to the electronic configuration of the completed inner shells 
which are given beneath the table. The division into the subgroups A and 
B is based on the fact that the penultimate electron shells of the elements in 
these groups contain the configuration s? p® and s? p® d!° respectively. The 
lanthanons and actinons, in which the 4/f and 5/ orbitals respectively are 
filled, are not shown on the table. 

The absence of inner completed electronic shells where n = 1 leads to 
certain differences in the properties of hydrogen and helium compared 
with other elements having a similar configuration of the outer electrons 
and these two elements have therefore been placed in a separate part of 
the table. Helium cannot be grouped with the alkaline earth metals, 
although their electronic configuration, s?, is identical ; chemically, helium 
is an inert gas, but since the remainder of the members of this group 
possess six p electrons in the outermost shell, a different classification is 
required. In a similar way the electronic configuration of hydrogen is 
identical with that of the alkali metals, the s electron of the hydrogen atom 
is, however, bound more strongly than in the alkali metals and furthermore, 
the chemical behaviour of hydrogen is not very similar to that of lithium or 
sodium and it is therefore placed in a separate group. 

To illustrate the use of the table, let us consider the configuration of 
tungsten. It has an atomic number of 74, the superscript 5 indicates that 
the structure of the inner complete shell is 


152 252 26 352 348 3d! 45? 46 4q1° afi 


The penultimate electronic shell, as indicated at the right hand side of the 
table is 557 5° and in the outermost shell there are present four 5d and 
two 6s electrons, the 5d electrons being unpaired. The number of unpaired 
electrons in the ground state of the atom is determined experimentally 
from spectroscopic data in the following way. If the multiplet splitting 1s 
denoted by M, then the multiplicity is given by M = 25 + 1, where S 
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is the resultant spin vector equal to 2s. Thus when AM = 1 (singlet state) 
it follows that S is zero and hence all the spins must be paired ; when 
M = 2 (doublet state), S = 1/2, indicating the existence of one unpaired 
electron ; when M = 3 (triplet state), S = 1 and there will be two un- 
paired electrons, each with the value s= -+ 1/2. Thus in general the 
number of free unpaired electrons is given by (M — 1). 

The expanded form of the periodic table shown in Table IX has several 
advantages over the original form and is based much more closely on the 
electronic distribution obtained from spectral data and the Pauli principle 
(see Table V) than is the Mendeleeff form. It is not now generally con- 
sidered that the chemical similarity of elements containing the same number 
of electrons in f and d orbitals is such as to justify their classification as 
subgroups of the same periodic group. The transition group of elements, 
whose chemical behawour is closely determined by the presence of an 
incomplete d shell of electrons, have therefore been removed from the sub- 
groups and placed between the main groups II and III. The only serious 
objection to this form of table lies in the inclusion of the copper and zinc 
groups within the transition group. If we regard a transition element as 
one with an incomplete, but not empty, d shell then those elements together 
with palladium are not transitional. It is convenient, however, to include 
them in the transition group as representing the limiting stage to be 
attained by the completion of the d shell. What similarity exists between the 
copper and zinc groups and the alkali and alkaline earth metals respectively, 
may be attributed to the similarity of the electronic configuration of the 
s orbital, but the influence of the completed shell of d electrons on the 
properties of these elements (e.g. the ionization potential) is sufficiently 
marked not to justify their inclusion as subgroups of groups I and II. 

Until very recently only ninety-two elements were recognized and the 
periodic classification ended with the element uranium. In 1940 MCMILLAN 
and ABELSON® showed that bombardment of uranium with neutrons led 
to the production of an isotope of a new element, neptunium, of atomic 
number 93. This isotope Np*%°, which has a half life period of 2:3 days, 
is the decay product of U239 formed by the neutron bombardment of U?%8 
The chemical behaviour of this element showed that it was closely related 
in its properties to uranium and dissimilar from rhenium. These data were 
the first convincing evidence that it was the 5/ shell that was being filled 
and not the 6d. These elements thus form a group named the actinons, 
analogous to the lanthanons. A second isotope of neptunium, Np*%’, was 
obtained by bombarding uranium with fast neutrons, the reaction taking 


place being U?* (n, an) U?%" : Np?3?. The importance of this isotope 
lies in the fact that it has the very long half life period of 2:25 x 10°® years, 
and that it has been prepared in weighable quantities. The second trans- 
uranium element to be prepared was plutonium®, Pug?’ having a half life 


: : B 
period of 50 years, the reactions being U?%8 (d, an) Np?88> Pu®8. 
Chemical studies show it to have properties very similar to uranium and 
neptunium but the lower oxidation states are more stable. Americium, 


atomic number 95, was the fourth transuranium element obtained. 
The reactions taking place on the bombardment of U?*8 by high energy 


; ; p , 
helium ions are U2 (a,n) Pu244> Am*4!. The third element to be 
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Table VIII. The Periodic Classification 
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Electron configuration of inner shells (indicated by superscript) 


1 152 2 152952068 3 1522529 p83529 p8gq10 4 1522522 p69529 pSgd104 524 584d 
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of the Elements (Mendeleef ) 
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Table 1X Pertodte Clas: 
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the Elements (expanded form) 
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prepared was curium, which was identified in the product of the bombard- 
ment of Pu?3® with helium ions, the reaction being Pu2%® (a, n) Cm?42, 
Both americium and curium form triply charged positive ions in solution 
and are carried quantitatively by the lanthanon fluorides in precipitation 
reactions and are separated from them with difficulty. 

Of the synthetic transuranium elements only plutonium has been found 
naturally ; it exists in very small quantities (1 part in 10!) in pitchblende 
and carnotite in which it is produced by the absorption of neutrons from 
various sources by the uranium isotope U?%8 in the ore. 

The problem of the structure of the atom may be regarded as falling 
into two parts : the configuration of the outer electronic shells, upon which 
the chemical behaviour of the elements largely depends and the structure 
of the nucleus in which the greater part of the mass of the atom is centred. 
In view of the very large number of isotopes of the elements which are 
known to exist, it cannot but be significant that in only four cases does the 
order of the atomic weights differ from the order of the elements when 
arranged with increasing value of nuclear charge, 1.e. atomic number. 
Many more exceptions to this might be imagined ; thus there exist isotopes 
of argon, chlorine, calcium and potassium whose isotopic weights are 
respectively 36, 37, 40 and 41, and if these isotopes were to predominate 
in the naturally occurring elements, the order of atomic weights would be 
different from that which actually exists and which is identical with the 
order of these elements in terms of their atomic number. Any theory of 
the structure of the nucleus must therefore ultimately explain why there 
exists an approximate relationship between the mass m, in hydrogen units, 
and the nuclear charge <, in electronic units, given by : 


m/X = 1/2 to 1/2°6 


PERIODICITY OF PROPERTIES 


Quantum mechanics has shown that periodicity is conditioned by the 
repetition of the configurations of outer electrons and it is natural that only 
those properties which are concerned with the structure of the outer electrons 
of the atoms should reveal periodicity. Thus it is found that ionization 
potentials, ionic dimensions, polarisation ef¢e when considered as a function 
of atomic number give a curve similar to the atomic volume curve. Other 


lonizotion Potential 


2) /0 20 JO 20 S50 60 70 8O 9Q 
Atome Number of Element 


Figure 8 Ionization potentials of the elements as a function of atomic number 


phenomena, such as the heat capacities of monatomic gases, which are not 
influenced by the outer shells of electrons, show no periodic properties. 
A study of properties which sho w pericdicity is therefore mostimportant, 
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and leads to a better understanding of the observed chemical periodicity ; 
such deductions that may be made, however, are at the moment only 
qualitative. 

Ionization potentials—'The ionization potential represents the energy 
necessary to remove an electron from the atom. ‘This energy we shall 
designate as J, and is generally termed the first ionization potential. The 
second ionization potential, /,, represents the energy required to remove an 
electron from the singly charged positive ion. The first ionization potentials 
of the atoms are given in Table X and are also represented in Figure 8. 
where the periodicity is evident. The variation of the ionization potential 
with atomic number reveals a series of important generalizations, which 
will be discussed in some detail because of the importance of ionization 
potentials in several chemical processes, such as the tendency for a given 
element to form ionic compounds. 


Table X. First Ionization Potentials (kcals) 


H He 

312 ©3638 

Li Be B Cc N O F Ne 

123°5 213'8 190°! 258°3 333°4 312°2 (414°7) 494°4 
Na Meg Al Si P Ss Ar 

137°7 175°3 137°3 186-6 253°4 237°5 2986 361° 


K Ca Se Ti V Cr Mn “Fe Co Ni Cu Zn Ga Ge As Se Br Kr 
99°5 140°3 154°0 1569 155°7 155°3 170°5 180-4 195°8 175°3 176°9 215°6 137°5 186-4 241°9 223'5 (265) 32-2 


Rb Sr Y Zr Mo Ru Rh Pd Ag Cd In Sn _ Sb_ Te I Xe 

95°8 130°6 150) =1§9°4 165°9 (177) 177°4 191°2 173°7 206-4 132°7 168-2 192°4 206-4 241°9 278'8 

Cs Ba ‘La WwW Os Pe Au Hg TI Pb. Bi Ro 

89-2 119°6 128-8 186-6 200° 4 204°6 211°7 239°1 139°8. 170. = 167-0 246°§ 
Ra 


121-0 


Consider the series of elements in the first and second groups shown in 
Table X : 


Li Na K Rb Cs 
123-5 11777 995 958 89:2 


Be Mg Ca Sr Ba 
213°8 175°3 140°3 130°6 1196 
The energy involved in liberating an electron from an atom of an alkaline 
earth metal is greater than that required in the case of the corresponding 
alkali metal ; thus we may conclude that an unpaired s electron is removed 
from an atom much more easily than a paired one. This indicates that the 
pairing of two electrons in an s orbital increases the attraction energy 
between an s electron and the atom. 
Considering the elements of the second and third groups : 
Be Mg Zn Cd Hg 
213°8 = 175°3 2156 = 206-4 =. 239°1 


B Al Ga In Tl 


190°l 137°3 -137°5 = 132-7: 139°8 
it is seen that a p electron is more easily removed from the atom than one 
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of a pair of s electrons. The comparison of gallium, indium and thaJlium 
with respectively zinc, cadmium and mercury rather than with calcium, 
strontium and barium is necessary in view of the electronic configurations : 

Ga_ 1s? 2s? 268 35? 36% 3d)° 452 491 

Zn Is? 2s? 2p8 352 3p® 3d? 452 

Ca 1s? 252 268 35? 38 452 


The inner shells of gallium and zinc are identical, whereas those of gallium 
and calcium are not (see below). 

There appears to be a considerable difference between atoms containing 
d electrons when compared with those which do not, ¢.g. 


K Rb Cs 
995 95°83 892 (s% ps) 


Cu Ag Au 
176-9 =173°7 211-7 (s? pS dl s) 


Ca Sr Ba 
140°3 130°%6 «119°6  (s? p® 5?) 


Zn Cd Hg 
215'6 206-4 23971 (s® p® d} 5?) 


The presence of a completed d shell markedly raises the ionization potential 
of the element. The explanation of this phenomenon is related to the 
theory of the homopolar bond ; the additional mutual interaction of the 
s and d electrons evidently increases the strength of the attraction energy 
between the s electron and the atom. 

In the case of the fourth and fifth groups, it is worthy of note that the 
ionization potentials of the elements in the fourth group, possessing three 
unpaired electrons, N, P, As etc, are greater than the neighbouring elements 
of the fifth group, where only two of the p electrons are unpaired. The 
ionization potentials of the halogens lie between the corresponding elements 
in groups six and eight. In every case the inert gas, having a completely 
Alled series of s and orbitals has the greatest ionization potential. 

The dissimilar sequence of ionization potentials within a particular period 
(see Figure 8) is closely linked with the electronic character of the outer 
shell of electrons, whether it contains s, f, d or f electrons, and the number 
of unpaired electrons within each shell. 

The variation of the ionization potential in the groups of elements 1s also 
of significance. As a general rule the ionization potential decreases as the 
group is descended, t.e. as the atomic number increases and the difference 
in the first and second periods is considerable, e.g. 


In = Ip — 80 kcals 
Ig — 1g = 74:7 kcals 
Ig — Ig; = 71°7 kcals 


The decrease is less, however, between elements of the second and third 
periods : 
Ip — ,, = 11.5 kcals 
I, — Ja. = 14 kcals 
dai — lo. = O°2 kcals 
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This marked difference is possibly connected with the fact that in 
germanium, arsenic and selenium, a shell of d electrons is present. Com- 
parison of the various different ionization potentials, Zable XJ, indicates a 
marked difference in ionization energy between electrons of different main 
quantum number. In this table the values given are relative to the ionization 
potential of hydrogen (312 kcals). In the atom of lithium the relative 
ionization energy of the outer 2s electron is 0-4 units, whereas the second 
electron, which is a 1s electron requires an amount of energy fourteen times 
as great, thus indicating that the electrons with quantum number nr = 1, 
are held much more firmly to the atom. In the case of beryllium, the 
successive relative ionization potentials are 0-7, 1°34, 11°3 and 16. Here 
there is a marked difference in value between the second and first electronic 
shells. ‘The same behaviour is observed with other elements, and in Table X] 
the change of main quantum number is indicated by the thick line. 


Table XI, Jonization Potentials relative to that of Hydrogen 


Configuration 
Element | Atomic of outer I; q, I; 


Number electrons | , - 
“Wo foo ee ee a Scie (Pen, “Gane | alias 
He 2 | s? 1°84 4°00 
“li | 3 |  « | of f so | o | #x| | | |. 
Be 4 s? o-7 1°94 F 113 | 16-0 
B 5 s*p 0°61 1°85 2:8 19°3 25 
6 sip? 0-83 1°79 3°52 4°74 J 24:0 36:0 
N 7 s*p} vo7 | 218 | 349 | 543 | 7:19 | 405 
O 8 s*p} 1°00 2°58 4°04 5°69 8-07 10°14 
F 9 s*ps (1-33) | 2°57 4°62 6-40 756 | 11-0 
Ne 10 s*p® 1°58 3°02 4°67 
Na 11 5 0°38 aa | seeege les See een | eer | ae 
Mg 12 s? 0°56 1°30 5°89 
Al 13 s*p | 0°44 1:38 2°09 9°0 
Si 14 5*p? 0-60 1°20 2°46 3°32 12°47 
P ts s*p? | 0:80 1°46 2°22 3°53 4°78 
S 16 s*p$ | 0-76 | 1°92 2°58 3°48 4°93 6°47 
Cl 17 s*ps | 0:96 5°00 (6-8) 8-0 
Ar 18 s7p® 1°16 
“Kf ig aw EP oes lose aay | SCOC~CsC i CO 
Ca 20 s? 0°45 
Se 21 sd 0°49 
Ti 22 s*d? | 0°50 3°17 
MA 23 s°d? 0°50 1-04 1-95 3°59 5°05 
Cr 24 sd6 | 0°50 1:23 | (2-0) (3-7) (5°4) 
Mn 25 s?d§ : 0°50 1:16 (2°4) (3°72) | (5°6) 
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Electron affinity— The electron affinity, which 1s a characteristic property 
of an atom in a similar way to the ionization potential, represents the energy 
Table XI!. Experimental Values of required to combine an atom and a free electron 

Electron Affinity with the formation of a negative icn. Until 
relatively recently, values were calculated from 
Energy the lattice energies of ionic crystals by the 
keals Born-Haber cycle. During the last ten years, 
———— however, the electron affinity of the halogen 
76 atoms has been determined experimentally’ and 
in Table XII the values of Ionov and DuKELsx1? 
are given together with the value for oxygen 
determined by VrER and Mayer’. These 
experimental values are in good agreement with the values calculated from 
lattice energies and from experimental heats of dissociation of the alkali 
metal halides. Calculated values of the clectron affinity for several 
different atoms are given in Table XIII. 


Table XTIT. Calculated Values of Electron Affinity 


| 
Atom | Energy Refer | 


Atom 


Atom | Energy 


The electron affinity of 
mercury according to the 


' | 


ere Atom Bnery Refer- | Atom Energy Refer- experimental data of SIMON 
anette | cei Pea oes and Sewarp!3 is close to 

By) BSA ie lh ats Sih ae | Nee | '! 35 kcals, in reasonable agree- 
| B 3] aj Al 2 | ment with the calculated 

| an en ee | p | 3 | ag value. The energy required 

| , S| 7 48 | 12 to give two electrons to 

F 04 io | ;)6C) 85 12 
He | o | 10 || Ne |—28 | 12 || Ar |-23 | 12 Oxygen as calculated from 
Cu, 23] mr i Ag; 26) mr fe] $8 | 1) the lattice energy of oxides 
| | 


is between — 157 and — 175 
am —_~CKcals, and for sulphur the 
energy of the reaction S—>S?— is between — 71 and — 8okcals. As is 
shown clearly in Tables XII and XIII only the halogens possess a high positive 
affinity for the electron ; with oxygen the affinity for a single electron is less 
than in the case of the halogens, but the affinity for a second electron is 
negative. It may be concluded from these data that the tendency to form 
a complete electronic shell similar to an inert gas is not marked except for 
the halogens. The transition of N to N*— would require 550 kcals'!. In 
general therefore with atoms having three unpaired electrons the tendency 
towards taking up even a single electron is small and the electron affinity 1s 
close to zero ; with atoms possessing two and one unpaired electrons, the 
electron affinity may be considerable but with the inert gases the electron 
affinity has a negative value. 

The small affinities of lithium and sodium are of little importance, but 
copper, silver and gold, with completed d shells, possess marked electron 
affinity and whereas the alkaline earth metals, with completed s levels, have 
negative electron affinities, mercury, with a completed d and s level, has a 
high positive electron affinity. 

Electronegativity—-The comparison of atoms according to their electro- 
positive or electronegative character 7.e. their tendency to form positive or 
negative ions has played an important part in the development of chemical 
theory, and is in many ways more important than comparisons of electron 
affinity and ionization potential. 

Consider two atoms A and B and let the electron of atom A be removed. 
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This process requires an amount of energy J, equivalent to the ionization 
potential of A. If this electron is now transferred to B there will be a release 
of energy Fs, the electron affinity of B. The overall loss of energy in the 
transfer of the electron from A to B will be equal to J, — Fy. If we carry 
out the reverse process, removing the electron from B and transferring it to 
A the loss of energy will be Jj — F,. If both these quantities are equal i.e. 


l,—hk, = —F,orl,+F =/,+ Fy, 


then the transference of the electron from A to B with the formation of 
At and B~ demands the same amount of energy as the formation of A~ and 
Bt and both atoms may be regarded as being equally electronegative. 
If, however, 
_ I, — Fg>I, — F, then I, + Fy>Jg + Fy 

and it is more difficult to remove the + ,,, XIV. Electronegativity of Elements 
electron from A and transfer it to B, than according to Alullikan 

to transfer the electron from Bto A. Thus 

the electronegativity of A is more than 

that of B. MutLtikan!4 has suggested 

that the values of Jand F for each atom Element 
may be used to calculate the electronega- 


Electronegativity 
keals 


uncorrected value | corrected value 


tivity and values calculated in this way =f 510 586 
are given in Table XIV. Cl 385 452 
The lower values given in the second __ Br | 349 418 
column of Table XIV are due to the fact 1, am oa 
that the ionization potential (considering Li i 135 135 


iodine) represents the energy involved 
in removing from the atom of iodine one 
of its paired p electrons, since the iodine ion according to the rule of Hund 
will have the following configuration : 


5 p 


According to Mullikan, for the formation of an ionic bond interest lies 
not so much in the normal ion which could take part in two covalent bonds, 
but in an ion of the following structure : 


HAA A 


5 p 


containing no unpaired electrons. This type of ion will be produced by 
removing from the atom the single unpaired electron, which will require 
more energy than the ionization potential leading to the normal ion, the 
difference between the two ionization potentials being equal to the excitation 
energy between the above two states. Mullikan introduced corrections to 
allow for this and the corrected values are given in the third column of 
Table XIV. The corrected values show the halogens more electronegative 
than hydrogen in agreement with their chemical behaviour. It is note- 
worthy, however, that the electronegativity value of hydrogen lies much 
nearer to the halogens than to the alkali metals. 
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The electropositive character of the metals is determined by the fact that 
their ionization potentials are not great and their electron affinities are close 
to zero. The gradual variation of the electronegativity values of the metals 
is due to the progression of their ionization potentials, the electronegativity 
falling in the case of the alkali metals from lithium to caesium. Mullikan 
has attempted to calculate the electronegativities of polyvalent atoms but 
the values obtained can only be regarded as approximate, as the higher 
ionization potentials and the electron affinities, where several electrons are 
involved, are not known exactly. 
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THE HOMOPOLAR (COVALENT) BOND 


DEVELOPMENT OF IDEAS ON THE CHEMICAL BOND 


THE fundamental problem of chemistry, which may be briefly stated as the 
explanation of the combination of atoms to form molecules, has been 
the subject of speculation for a considerable time, and by the beginning of 
the nineteenth century a relationship between chemical reactivity and 
electrostatic charges on the atoms was contemplated. The investigation of 
the electrolysis of water, of aqueous solutions and of fused alkalis formed 
the basis for the electrostatic theory of valency developed by BERZELIUs in 
1812. This theory, which assumed that the force between atoms in 
molecules was er.tirely electrostatic in character was found to be entirely 
satisfactory for a large number of inorganic compounds. ‘The success of 
this theory was, however, shortlived. The development of organic chemistry, 
leading to the isolation of a large number of compounds whose properties 
were very different from the inorganic salts, led to the rejection of the 
electrostatic theory as a general theory of valency. The nature of the 
problem may be indicated by reference to the C-H and C-Cl bonds. In 
acetic acid it is possible to replace electropositive hydrogen by electro- 
negative chlorine leaving the compound more or less unchanged in its 
general properties, apart from an increase in acid strength. According 
to the Berzelius theory these bonds would be represented by C~ H?* and 
C+ Cl- respectively and it was argued that if this were correct, the re- 
placement of a negative by a positive carbon atom would be expected to 
alter considerably the properties of the compound. Similarly with methane 
and carbon tetrachloride, whose formulae according to the Berzelius 
theory would be: 


Ht Cl]- 
H+ C*- H+ Cl~- C*+ Cl- 
Ht Cl- 


Again the very great change in the polarity of the carbon atom was re- 
garded either as impossible, or at least liable to produce a much greater 
change in the relative reactivity of these compounds than was observed. 

The systematic investigation of a large number of organic compounds 
led to the formulation, largely by VAn’T Horr and Le BEL, of a structural! 
theory of valency which permitted an adequate description of organic 
compounds and which is still of considerable application at the present day. 
The ideas of this theory were very simple, ascribing to hydrogen, oxygen, 
nitrogen and carbon valencies of one, two, three and four respectively. In 
contrast to the theory of Berzelius which had attempted to explain the 
nature of the force acting between atoms in compounds, the theory developed 
from the study of organic compounds made no attempt to explain the 
nature of the bonding forces. The structural theory has been developed in 
recent years and modified considerably by the introduction of such ideas 
as double bonds, partial valency and the resonance of valency structures, 
but the basis of the idea remains unchanged. 

An extension of the structural theory of valency was made by WERNER 
in the field of inorganic chemistry at about the same time as the develop- 
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a considerable contribution to valency theory, but vhs theors together with 
that of Kossel must be regarded as an approximauon, whica althongn 
giving a qualitative picture of the chemical bond and which Gescrites in 
certain cases the mature of the molecule, falls to explain comopletely the 
nature of the forces involved in the chemical bond. A solution to ths 


problem has only come 2s a result of the appkcation of quantum mechanics. 


THE HYDROGEN MOLECTLE ION. H.7 


fw 


In the atom, electrons move in the neld of a single nucleus whereas m 
molecule. the electrons exist in 2 field due io several auclet and wav 
mechznics show that the latter state may De more favouradle on the 
of energy consideratons. Let us comsider the amplest molecule rc: the 
hydrogen molecule ion H,~, tormed by the combination of 2 hydrogen 
atom and 2 proton. In this molecule a single electron emsits in te ie 
of two nuclei. The existence of this molecule has been cemonstrated 
spectroscopically and the heat of tormation of the molecule fom 2 hydrogen 
atom and 2 proton is or kcals gm mol. ;: the distance benmseen the nuclei 
is 1-06A. The ion is, however, very reactive and the energy Hherated in 
the reaction H,~ —- ¢ = Hy is 354 keals and it has theretore, 2 very Emitec 
existence. The problem of the structure of the Ryvcrogen molecule ion ts 
one which can only be cealt with adequately from the point of view of 
wave mechanics ; attempts to apply the Bohr methed to the monen cf 2 
single electron round nwo nuclei were completely unsuccessrul. 

The formation of the hydrogen molecule icon may be conceived In the 
following way. Let an atom of hvdrogen proton ¢ together with = 
electron) and 2 proton 6 exist imiually at 2 grea: distance apart: 

Ga 5 

In this position the electron evidently belongs co the nucleus ¢, beczuse it 
exists for by far the greater part of its time in the field of chis nucleus and 
the probability of locating the electron very far trom nucleus ¢ ts very 
small, ¢.g. even if the distance between the nuclei is reduced to 5 \ ro7* cm 
the electron will be found near the nucleus é only 1 in rol? vears. Thus 
it may be concluded thar in this iniual state, the energy of the svstem 
is practically equal to the sum of the energies of the proton and the atom 
of hydrogen. However, as the proton $ approaches the 2tom a, the proba- 
bility of the transfer of the electron from @ to 9 Increases. and it mav be 
calculated, that when the distance between the nuclei is 2 X ro em 2A 

the transfer will occur once every 107!* secs. 

As the nuclei approach, the idea that the electron belongs to one par- 
ticular nucleus loses meaning and once the H,~ molecule has been formed 
it is physically impossible to show whether the molecule has been tormed 
from 2tom ¢ 2nd nucleus 6 or from 2tom 6 and nucleus c. It will, however, 
be convenient to picture three possible configurations of the electron in the 
system of nwo nuclei : 

1 The electron may be regarded as being attached to nucleus ¢, and 

nucleus 6 1s denuded 

2 The electron is regarded as being 2ttached to nucleus 6 and « ts denuded 

3 The transitional state when the electron ts attached to both nuclei 

simulraneoush; this may be represented physically as an electronic 
cloud between the two nuclei. 
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The resulting identity of states a and b and the production of the inter- 
mediate state results in the formation of a chemical bond. 

The first conclusion which may be drawn from this elementary intro- 
duction is that a chemical bond between two atoms is only possible when 
the atoms or molecules concerned have approached as close as approxi- 
mately 1078 cm., since only at such distances 1s the probability of electronic 
transfer sufficiently great to produce bonding. The interaction energies fall 
off rapidly as the distance between the nuclei increases and from the point 
of view of chemical reaction, a distance between nuclei of 10-7 cm may be 
regarded as infinite. 

It will be clear from the above discussion that the delocalization of the 
electron plays an important part in the theory of the chemical bond. In 
place of the fixed orbits of Bohr, quantum mechanics leads to a statistically 
probable description of the state of the electron when it exists both in the 
field of a single or of several nuclei. 

In order to simplify somewhat the following treatment, use will be made 
of the atomic units of HarTree! which result in a simpler form of the 
Schrédinger equation. The Behr radius, a = h?/47?me? = 0-528A is taken 
as the unit of length, the unit of charge is regarded as the charge on the 
electron, ¢ = 4°799 X 107% .s.u and the unit of mass is taken as the mass 
of the electron, which is 9:1 X 107% gm. Energy is expressed in terms of 
the charge and the Bohr orbit, FE = e*#/a. This value, which represents 
twice the value for the energy of the atom of hydrogen in its ground state, 
Ey = e*/2a, is taken as the unit of energy and is equal to 27:08 ev = 624 
kcals/gm mol. 

Employing these units the Schrédinger equation 1.34 becomes 


V4244 +2(E—V)~=0 saa (351) 

The repuision energy between the electron and the nucleus will be — 1/r, 

where r is the distance from the electron to the nucleus in units of the 
Bohr radius. 

In the molecule H,+, r, and ry represent 

the distances between the electron and the 


; : nuclei a and 6, and R is the distance between 
ye < the nuclei (sce Figure 9). The potential energy 
yf ~~ V will be the sum of the various charge inter- 


RP e . e e 
o—____£.___~» action terms, t.e. interaction between the electron 
a . and nucleus a, (—1/r,) ; interaction between the 
Figure 9. Coordinates for — electron and nucleus b,(—1/r5); and the mutual 
the hydrogen molecule ion ; ‘ : : 

interaction of the two nuclei (+ 1/R). 


The total potential energy is thus given by 


V=—1/r,—1/4n4+1/R os s+ (3.2) 
and the Schrédinger equation for the H,+ molecule becomes 
Veg + 2(E + I/r, + 1/r, — 1/R)Y = 0 .. ++ (3-3) 


This equation describes the state of the electron for a particular value of 
R; variation of the value of the internuclear distance gives different values 
for the encrgy of the system. When A 1s large, the interaction energy is 
zero but as the atom and the proton approach each other, the electron 
attracts both nuclei and the potential energy is decreased, t.e. an exothermic 
process has taken place. The decrease of energy, however, has a limit, 
becuase as the nucle: approach each other, their mutual repulsion 
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reduces the attraction due to the electron and ultimately at very small 
distances, 1s greater than the attraction energy. Thus a stable equilibrium 
state, where the energy is a minimum, will exist at a particular value of 
R which is found by experiment to be 1-06 A. 

For the hydrogen molecule ion it is possible to solve the Schrédinger 
equation and calculate the energy of formation of the molecule. The 
solution is only approximate, however, and the value for the energy cannot 
be regarded as exact, but the solution does permit a picture of the forces 
involved in a chemical bond to be obtained. As pointed out above, when 
the distance between the nuclei is great, the system may be considered as 
an pa a and a separate nucleus 8. The Schrédinger equation then has 
the form 


V2, + 2(E + I/re)te = 0 1364) 
which is identical with the equation for the hydrogen atom. The wave 


function #, refers to the electron in the field of the nucleus a. The solution 
of this equation in atomic units (see Lable IV) will be 

be = {exp (— 7.) V 7 ee eais) 
This solution is only approximate as the electron 1s also attracted towards 
the nucleus 5, which thus exerts upon the electron a ‘ perturbing ’ action. 
The term perturbation has been borrowed from planetary mechanics. [fit 
be imagined that the movement of the earth round the sun has been 
calculated considering only the presence of those two bodies, then this 
calculation would only be approximate since other planets, e.g. Mars, 
exert some influence on the path followed by the earth. This influence is 
termed perturbation and the resultant orbit is a perturbed orbit. 

In the problem of the hydrogen molecule ion the perturbation is repre-~ 
sented by the existence of an additional energy of interaction, that of the 
electron with the second nucleus, which will have the value 1/ry. Owing 
to the distance between the nuclei, the perturbation is small and would 
appear to be fully accounted for in equation 3.4 and its solution 3.5. But 
the electron may be located at J, in which case the system would consist 
of a nucleus a and an atom 5. In this way the function yf, is, by itself, 
insufficient for the description of the state of the electron, and there is an 
additional solution y, referring to the elcctron in the field of the nucleus 6. 
Each of the functions ¥, and yy corresponds to the same value for the 
energy of the system since in each case the system consists of an atom of 
hydrogen and a proton. 

Since we have two functions corresponding to a single value for the 
energy, the linear combination of these functions will also be a solution 2.¢. 


yp = CW, + Coys ...«(3.6) 
where ¢, and c, are certain coefficients. 

It must be appreciated that this solution is approximate, since it is a 
combination of the functions y%, and yy. Such a solution will be correct 
only when 2 is great and the perturbation produced by the second nucleus 
is small. If the distance between the nuclei is decreased, perturbation 
becomes important, but for the moment the solution in terms of the equation 
3.6 only will be considered. The coefficients c, and c, are chosen so that 
the energy of the molecule is a minimum. This means that of all the 
approximate functions of the form of 3.6 the best possible approximate 
solution will be chosen. This process is termed the variation method. 


47 


THE STRUCTURE OF MOLECULES 


The Schrédinger equation, 


7*4p +2(F —V)p=O0 Sear Sel) 
may be rewritten in the form : 
(— V?/2+V)p = Ep ee S9) 
or replacing (—V 2/2 + V) by the Hamiltonian operator &# : 
Hy = Ep sung 3.0) 


Since this condensed form of the Schrédinger equation will frequently be 
referred to in the following discussion, it will be convenient to make a 
digression here to discuss briefly the properties of operators. 

An operator is an abbreviated expression representing a particular 
mathematical operation. Operators are used even in elementary mathe- 
matics although that particular term is rarely used in that connection ; 
thus a? is written for the successive multiplication of a by a and again by 
a. In the same way the symbols In and sin are operators. The calculation 
of the differential coefficient d/dx is also a specific mathematical operation. 
Let this operation be represented by the operator D such that the action 
of the operator on a function e.g. x?, is represented by Dx?, the function 
being written on the right hand side of the operator vzz 


Dit = £ x? = 2 


In a process of multiplication the actual order in which the multipliers are 
written down is of no importance, e.g. JEYy = Ey, but when the process 
of differentiation 1s considered there is a significant difference whether the 
function is to the right or to the left of the operator D. Thus xDx is not 
equal to Dx? : 


ae ee ee ye 
«Dx = x (x ) aa ee De ae 
Thus a multiplier on the left hand side of the operator indicates that x is 
multiplied by the function which appears as the result of the action of the 
operator D on x, whereas a multiplier on the right hand side of the operator 
indicates that the functions are first multiplied together and _ the 
operator then acts on the product. 
In equation 3.8 the operator # is given by : 
12 10 12 
Be Ve eV 958 O58 Sage TY epi 3O) 


and its action on a function placed on the right hand side of # involves 
the determination of the second differential coefficient for each coordinate, 
followed by division by 2, a reversal of sign and the addition to the resultant 
expression of the function V. The expression Ey in equation 3.8 means 
simply that £ is multiplied by the function ¥, since E is not an operator. 

From equation 3.8 an expression for the energy of the H,+ molecule 
may be determined. Let both sides of equation 3.8 be multiplied by ~ 
and integrated over configuration space 


[ $30 pdr = [¥Eddr .. + (3.10) 
The right hand side may be rewritten as E { ~?dr, but no such simpli- 


x? = Qx 
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fication can be made with the left hand side. Thus from 3.10 it follows 
that 


he jee ... (3.11) 


Since the function ¢ in equation 3.11 cannot be determined, the approxi- 
mate solution for the case of the H,+ molecule viz 
yp — Cy, + Cos ovee (3.6) 


must be used. The variation method consists of choosing a function 
such that the minimum value of the energy is obtained. The use of 
equation 3.6 can only lead to an approximate value for £, since it is based 
on solutions which are true only when the distance between the nuclei 1s 
large. Exact quantitative results therefore must not be expected; the 
value of the method lies in the information obtained concerning the nature 
of the chemical bond. 


For the hydrogen molecule ion the Hamiltonian operator has the form . 
H = — V2/2 — Ir, — l/r, + WR ...- (3.12) 


and thus the problem becomes that of obtaining the minimum value of 
the expression 


— [oo (— 99/2 = Ura — Wry + WR) pdr 
{ W2dr 
Substituting for x from equation 3.6 we obtain, 
[ (cae + ents) (— 99/2 — Ura — Vrs + UR) (cata + Cope) a 
| (Crfa + Cote) *dr --+ (3-14) 


and since ¢, and ¢c, are constants independent of E£, 
ae [¥eX pede + cy0y [sd bade + cy¢, { Wal adr + 4? [po pods 
c12 | YWerdr + 2¢4C5 i Wabsdr + co? { Ws2dr (3.15) 


This expression may be simplified in view of the fact that in the particular 
case being considered there is no distinction between the two nuclei a and 
6 and hence 


». «+ (3.13) 


[od yade = [WX padr se .(.16) 


The expression 3.16 may be proved as follows. The left hand side of 
equation 3.16 on substitution for # becomes : 


Vv? 1 1 1 
[¥. ( = Ze — pe — pte + pile) dr -.++(3.17) 
but from the solution for the atom 3), 
— Ve¢/2 — Py [ro= Este - ++ (3.18) 
which on substitution in 3.17 gives 
[ beBspsde — [rstear + [tebear . (3:19) 
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Similarly the hand side of equation 3.16 is given by 
] ] ] 
J os (= ye — pte — je + ie) ae 
_ por Pals 
= [bobbed —{ ede +f adr ....(3.20) 


and since E, = FE, equation 3.16 is correct. The functions ¥, and yy, are 
solutions of Schrédinger’s equation for the separate atoms and may be 
normalized to unity, 7.e. 


[ ddr = Land f py2dr = 1 ».. (3.21) 


Equations 3.16 and 3.21 permit 3.15 to be rewritten in the form 


at { YaH adr + 2eyey [a3 adr + 6,2 i) UI ade 


. . (3.22) 
air ota J Paydt + Co” 
Let 
: | pa adr : | ba pdr 
Hy = | rH podr Sab = Patbydr ia inct a2 3)) 


Then equation 3.22 becomes : 
oy Mea “t Beyeg Hes + ep°H 
= cee Wey een rey. 9) 
In order to obtain the minimum value of £, 3.24 1s differentiated with 


we and of equated to zero. Thus: 


: ae 
espect to c, and c, and the derivatives ic, YX, 


OF | (2c, 40 KH sat - 26, riGe H 62% +266 gS qn) — (2¢,-+ 2 eSav) (17H aot 2e, 2H at Co? Hl vy) 
oC, (6,2 + ¢_? + 2cycoSop)? 

OE (2c, Hawt Qe H op) (C1? +627 +2046 Son) — (2 262 + 2c Sav) (C1? A HE aa oN + esp Hayter” ‘IE yy) 
OC, (€,? + C2? + 2¢yc25qy)? 


. . (3.25) 
or, 
(c,?H aa a 2c 4¢ a + Cy “H ) = : 
(26H ag + 2¢,H gp) — (2c, + 2eySq5) 2 we said 36 esa =a | 
and 
) (657?H ag + 26 yCoH ay + Cy7H yy) _ 3 
(26H oy + 26,95) — (2eq + 2e,Sa4) 67 aoe ae ae bb 


ei 3520 
On combining with equation 3.24, 3.26 may be written as : oad 
(2¢,H oa + 2H ar) — (2c, + 2cySn)k = 0 neh Be27) 
(26, Hav + 2H) — (2¢q + 2¢)Sn)E = 0 
and we obtain two equations of the first order with two unknowns, c, and 
Cx, Which inay be written in the form : 
; €)(Hoe — FE) + ¢o(KHa — ES) = 0 .... (3.28) 
an 
C\(Han — Sav) + Co(Hy -- F) == 0 ....(3.2q) 
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The equations 3.28 and 3.29 are a pair of simultaneous equations of 
the form : 

5x — 3y = 0 

6x — 4y= 0 


It is evident that x = 0 and y = 0 are solutions of equation 3.30, but the 
question arises, are other solutions possible ? From the first equation it is 
evident that x/y = 3/5 and from the second that x/y = 2/3. Thus since 
the ratio x/y derived from the two equations is different, it is evident 
that the pair of equations 3.30 have no non-trivial solutions t.e. no solutions 
other than x = 0, y= 0. For the more general system 


+ + (3.30) 


ax + by = 0 
an reel Bear) 
it follows that 
— b/a = — d/c or bc = ad + 4a(3:32) 


In such a case there exists a definite relationship x/y which satisfies the 
equations other than the solution x = 0, y= 0. Equation 3.32 may be 
written as a determinant constructed from the coefficients of equation 
3.31, thus : 

a 6b 
= 0 Sora, (C3232) 


The solutions of equations 3.28 and 3.29 in which c, = 0 and ¢c, = 0 
are clearly of no interest to the present problems ; other solutions will exist if 


Hos —E KH op — ESop 
— 0 .. + + (3-34) 
Ha» — ES, Hy» —E 
or 
(Hao —F E)(H = E) = (H a» =r ESo»)” = 0 eee - (3-35) 


Such an equation is generally referred to as a secular equation. From this 
equation it is possible to determine E. This is the best solution obtainable 
commencing from a function of the type 3.6, although it must be pointed 
out that the choice of a more complex function, leading to a better approxi- 
mation, might be made. 

In the case of the hydrogen molecule ion both atoms, with nuclei a or 4, 
are identical and hence 


H oc on H vp a ees (3.36) 
and thus equation 3.35 simplifies to 
(Hu — E)? = (Hs — ES)? . ++ +(3-37) 
and so for the energy £, two expressions are obtained : 
Hoa + Ho 
£,= =q aS, «+ (3.38) 
and 
H a0 a H 
Ei = .. ++ (3.39) 
1 — Sop 
From 3.28 it follows that, 
cy _ Han — ES . . (3-40) 
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and by substituting the values obtained for £ in equation 3.38 and 3.39 
into 3.40 it is found that ¢,/¢g = +1, te. 

¢>;.= +e, or cy = — Cy » +++ (3.41) 
Thus the two different functions which exist, corresponding to the two 
energy values £, and Eo, are : 


py = C1 (We + Wr) Hera (3.42) 
Po = ¢,(b. — yo) .. ++ (3.43) 


and these functions represent solutions of the wave equation for the hydrogen 
molecule ion given in equation 3.3. 

Absolute values for the coefficients c, and c, may be found from the 
normalization equations : 


[ater = 019 (Yo + po)%dr = 02| fyatdr + 2fyardr + [yter} = 1 


which from equations 3.21 and 3.23 simplify to 


and 


6,7(2 + 2S.) = 1 .. + (3-44) 
and consequently for ¥#,, 
] 
11 8 72 + Sa » +++ (3-45) 
and for wp, 
CC} = — Cg poe ee ...+(3.46) 
V 2 a 250 
The following expressions are thus finally obtained for y, and ¥,: 
d hy = (Po + po) /(2 + 2S)" - ++ +(3-47) 
an 
2 = (Po — po) /(2 — 2Sc0)4 -- + + (3-48) 


where yf, and ys are solutions for the hydrogen atom, 
Yo = {exp (—r,) }/V7 
Ye = texp (—n) Vr -+++(3.5) 
The fact that two expressions for the energy have been obtained and 
two wave functions y, and yf, is not fortuitous, but is most important from 
the physical representation of the chemical bond as we shall see later. 
We shall now calculate the values of the integrals Has, Hm, Hoy and Soo. 
By definition, 


Hoe = | bol — V22— Ure — Ute + YR) ede. (3-49) 
in which y, is the solution of the equation for the hydrogen atom viz, 
(— V?/2 — I fra) a = Baha -+ ++ (3.4) 


where £, is the energy of the hydrogen atom. By substituting equation 
3.4 In 3.49 we have, 
ee pee [(p2/r)ar +YR=E,4C+1/K — ....(3.50) 
where 
Ca [(p.2/n)dr » (3.51) 
In this expression, w.2d7, as has been shown, represents the probability of 
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locating the electron in the element of space dr ; this probability is pro- 
portional to the density of the electron cloud at any given point, and C 
may be regarded as representing the energy of the interaction of the electron 
cloud with the second nucleus and thus represents the Coulomb energy of 
attraction. 

The integral %,,, thus represents the energy of the hydrogen atom 
together with the Coulombic interaction of the electron of hydrogen atom 
a with nucleus 6 and of the nuclei with each other, 1/R. In the same way, 


Hoy = Ey — [(po%/ra\dr + R= Ey +C+ YR ....(3.52) 
and since both nuclei are identical, 
ao — H vp » +++ (3.36) 


By definition, 
Hoe = | ol — 07/2 — Mra — Ure + YR) pode... (3.53) 


which on combination with equation 3.4 v7z, 


( — 72/2 — I/ro)be = Eotr sie Sed) 
leads to 
Has = Ex posdr — [(Potrlre)dr+1jR [| poyadr — ....(3.54) 
== ESas + I + Sar/R 
An integral of the type, J = — (i (Waitho/ra)dr, termed a resonance or exchange 


integral, is met here for the first time and represents the energy of inter- 
action of the electron cloud with one of the nuclei. S,, is generally referred 
to as a non-orthogonal integral. 

Substitution of equations 3.50 and 3.54 in 3.38 and 3.39 gives 


1 C+ 
E,=—h+-—- 
. = oon «++ (3.55) 
f 
E, = EB, 
+R + f= 2 (3.56) 


It is possible to show that the integrals C, J and Sj, which have been 
introduced into the formula for the energy, may be expressed in terms of 
the distance between the nuclei as follows : 


Ce — at (ez ew (- 28) ee (3057) 
I =—(14R)exp(—R) 2 (3.58) 
Sa = (1 + R + R?/3) exp ( — R) - +++ (3.59) 


Like £,, the integrals C and J are negative, and so when the state of 
the system is such as can be described by y, as in equation 3.47, an 
additional stabilization of the system occurs, the energy of the molecule 
being lower than that of a system consisting of a separate atom of hydrogen 
and a proton by the quantity . = + . This energy term with positive sign 

ad 
represents the bond energy, which is released on the formation of the 


molecule. 
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By the use of equations 3.55, 3-57; 
3.58 and 3.59 it is now possible to 
determine the energy of the bond in 
the hydrogen molecule ion as a func- 
tion of the internuclear distance R; 
this is shown in Figure 10. It will be 
noticed that the energy passes 
through a minimum, the position of 
which corresponds to the ground 
state of the stable molecule. The 
calculated value of the bond energy 
is 41 kcals and for the internuclear 
distance, 1°32 A. The agreement 
with the experimental values of 
61 kcals and 1-06A is not good, but the discrepancy is due to the fact that 
the atomic functions Y.and y, have been employed in order to describe the 
molecule. In spite of its approximate nature, the above treatment is of 
considerable value in that it serves to introduce an important physical 
concept. The fact that the electron may be located ina position where it is 
equally under the influence of both nuclei emphasizes the fact that the 
two atoms, as described by the functions ¥, and y,, do not exist separately 
but are superimposed. The particular function describing this state of the 
molecule will now be discussed in more detail. 

The function describing the case where bonding occurs has the form : 


Energy 


Orstance between Nucler R 


Figure 10. Energy curve for the hydrogen 
molecule ion 


$1 = (Ye + dr) (2 + 25.0)# - +++ (3-47) 
and substituting for J. and y from equation 3.5 we obtain 
by = {exp (— 1.) + exp ( — 7) }/{7 (2 + 25a)}# — ... . (3-60) 


The square of this function which determines the density of the electronic 
cloud at any point is 
p," = (p,” BG 2harbp a bs )/( 2+ 2 Sos) 
= {exp(—7,) t+exp(—7,) + 2exp( — 174 — 1%) }/7 (2 + 28, ) 
.... (3.61 
It is evident from equation 3.61 that we can consider the total electronic 
cloud as made up of three parts. The first two of these viz, 


pa” = {exp (— 2r.)}/ and yo? = {exp (— 2n)}/m 


represent spherical clouds corresponding to the electron being at one or 
other of the nuclei. The third term, 


FF iternncetlh Ot pr 
corresponds to an ellipsoidal cloud.* 


The resulting electron cloud is shown 
diagrammatically in Figure 11. The 
upper curve shows the value of the 
function ¥,? along the line joining the 
nuclei and the lower diagram gives the 
Figure 11. Electron distribution function Contours of equal electron density. 

for the hydrogen molecule ion The electron cloud shows a lower 


* For the electron cloud, We® = {exp ‘— 2r9)}/m levels of equal density are determined by the equation 
exp (— 2rg) = constant, or fg = constant, t.e. the levels of equal density appear as concentric spheres with 
the nucleus as centre. In the case of the cloud 2Wewe = {2 exp(— re — ra)}/r, levels of equal density will be 
given by exp (— re — 7b) = constant or rg + ry = constant. This equation corresponds to an ellipsoid with 
centres at the nuclei a and 6. 
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density in the region between the nuclei. The emergence of the chemical 
bond may be regarded as due to the fact that the superposition or resonance 
of the two states given by ¥. and y leads to three structures, represented 
by #2, Y” and the transitional structure, pay. 

An analogous phenomenon appears in optics. If represents the 
amplitude of a vibration, then the intensity of this vibration is g*. If two 
amplitudes are added together, 7.e. when the two waves interfere : 


P= 9,492 -. ++ (3.62) 
and the intensity of the resulting vibration 1s 
yp = (9, + Po)? = 1? + He” + 29170 - ++ (3-63) 


Thus this problem also does not resolve itself simply into the sum of the 
two intensities, but may be greater or less than (¢,? + ¢,*) by the quantity 
2949 o. 

The relative contributions of the individual structures to the resulting 
electronic cloud is termed the weight of that structure. These quantities 
represent the ratio of that part of the electron cloud corresponding. to a 
given structure to the total electron cloud and are generally expressed as a 
fraction or a percentage. From equation 3.61 it follows that these contri- 
butions are for the first structure, .°/%,°(2 + 25%); for the second 
structure, y»7/,7(2 + 25..) and for the third or transitional structure, 
ZPoxr/,7(2 + 25a). Integration of these functions throughout space and 
normalization leads to the value for the first and second structures being, 
1/(2 + 2S.) and that for the transitional structure being, S,5/(1 + Sv). 
If the value of S,, for the equilibrium position of the H,+ molecule is now 
substituted, the following structural weights are obtained : for the first and 
second structures 31 per cent each, for the transitional structure 38 per cent. 

It must be realised that, in view of the assumptions made, these calcu- 
lations are only approximate, but nevertheless this treatment of the H,+ 
molecule makes an understanding of the nature of the chemical bond 
possible. A more exact solution would lead to more complex functions 
in view of the fact that the electron cloud is really continuous and the 
division of the cloud into three parts is a considerable simplication. The 
more exact solutions of HyLLeraas and Jarré? show almost exact agree- 
ment with experiment for values of the bond energy and internuclear 
distance. 


THE HYDROGEN MOLECULE, Hy 


In the hydrogen molecule two electrons exist in the field of two nuclei 
and attempts to solve the Schrédinger equation for this case have proved 
unsuccessful. An approximate method similar to that given above for the 
simpler case of the hydrogen molecule ion may, however, be solved. This 
was first carried out by HEITLER and Lonpon? in 1927. 

Previously we have only considered the application of the Schrédinger 
equation to problems involving a single electron. In the case of several 
electrons, the wave function depends upon the coordinates of all the 
particles, (x,y, Z)-..-.. oy ar eee oe Xn Jn 2n) Where i is the number of 
the electron which can have any value from 1 to n, where n is the number 
of electrons. 
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Thus the Schrédinger equation for the case of n electrons will be 


v2 = D2 A = 
> ($4 +5545) +2E—V)b=0 — ....(3.64) 
i=] i fy t 

where V represents the sum of all the potential energy terms for all the 
particles. Equation 3.64 may be more briefly written as 


2 vity 4+2(E —V)p =0 -.. (3.65) 


In this case pdx dy,dz,....... dx,dy,dZp 
will represent the probability of the first 
electron being located between x, and 
x, + dxy, y, and y; + dy, 2; and z, + dz, 
and of the second electron between x, 
and x, + dx5, ¥, and y, + dyg, Z and 
Zo + dz, ete. 

For the molecule of hydrogen there are 
two nuclei, a and 6 and two electrons, 1 and 2 
(see Figure 12) and we shall define : 


Figure 12. Coordinates of the 
hydrogen molecule 


Te, = distance between the first electron and the nucleus a 
'o, = »» 9 »» second ,, 2» 9 29 a 
n= ” 9 ” first ” » 9 ”? b 
Qo > ry) »» », second ,, 9 29 29 b 


Rw» = the distance between the nuclei a and b 
11, = the distance between the two electrons. 

The potential energy term will consist of the various energies of inter- 
action of the electrons with the nuclei, of the nuclei with each other and 
of the electrons with each other. Thus in atomic units the potentia! energy 
is given by, 

V = — Ifre, — 1fre, — 1fn, — fr, +1/k + 1/r,,  «....(3.66) 
and the Schrédinger equation for the hydrogen molecule becomes : 


02h + V2 + 2(E + Ura, + Urey + fre + Ur, — WR — Ary.) = 0 


.».+ (3.67) 
where as before, 
ge 2 a2? (3.68) 
; =o ty tog Patel Se 
Putting equation 3.67 in the operator form, we have 
Hp = Ed ....(3.69) 
where 
H = — V,7/2 = V 27/2 ~ I fray — L/ra, ee I/r», = 1/ro, a L/R a I/r,, 
...+(3.70) 


The treatment which we shall employ here is similar to that used for 
the hydrogen molecule ion. The two atoms will be considered as being 
initially a sufficient distance apart to prevent interaction. Under these 
conditions the atoms may be considered separately and electron 1 will be 
at nucleus a and electron 2 at nucleus 4. The total energy of the system 
will be the sum of the energies of the two atoms 7.e. 2E,. The state of the 
system is described by the expression 


by = o(1) (2) = {exp ( — 1, — 1) }/Vae «+ - (3-71) 
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in which (1) indicates that the first electron is located at nucleus a, and 
y,(2) shows that the second electron is located at nucleus 6. .?(1)dx,dy,dz, 
represents the probability of finding the first electron, belonging to nucleus 
a, in an element of volume dx,dy,dz, and y,*(2) dx,dy,dz, represents similarly 
the probability of finding the second electron, belonging to the nucleus & 
in an element of volume dx,dy,dz,. When the nuclei are a considerable 
distance apart, we may assume that these probabilities are independent of 
eaeh other and the probability of finding the first electron in the volume 
element dx,dy,dz, and the second electron in the volume element dx,dy,dz, 
simultaneously, will be equal to the product of the individual probabilities : 


ib y2dr = o?(1) fo?(2)dx,dy,dz, dx.dy.dz. ++ «(3-72) 


Py = Ya(1) ¥o(2) - +++ (3-71) 
The probability of the transference of an electron from one nucleus to 
the other will increase as the nuclei approach each other and from the point 
of view of wave mechanics it 1s incorrect to locate the first electron at 
nucleus a and the second electron at nucleus 6. The two electrons are 
indistinguishable and it is impossible to regard one electron as located at 
a certain nucleus. ‘Therefore in addition to equation 3.71 we must con- 
sider a second expression in which the electrons have been transposed, 


Yo = Ya(2) po(1) -+++(3-73) 
The two functions %, and ¥, both correspond to the same energy value, 
so that the system is two-fold degenerate. Hence the linear combination 
of 3.71 and 3.73 will be a solution, 
Pb = Crp, + Cop, = Cy Ha(1) fo(2) + cope(1)Yo(2) .. (3-74) 
The solution now follows the same procedure as in the case of the H,+ 
molecule, and consists in the evaluation of the coefficients c, and ¢, for 
which the expression 


and 


| yt par 
OT ae eos (3.11) 


is a minimum. In polyelectronic problems integration must be carried out 
for all the coordinates of all the particles, and dx,dy,dz,dx,dy.dz. is 
normally written dr,drq. 


Substituting equation 3.74 in 3.11 gives 
{ {eao(1) Yul) + coda() (2) } 26 {erHe(1) oo(2) + codo() ya(2) } drydrg 
f {eavo(1)¥o(2) + covs(1) bal) }'drydrg 


- +++ (3-75) 


Simplification and normalization, since ¥, and yy, are solutions for the 
hydrogen atom vz 


J ve2dr = 1 and | doar = ] . +++ (3-21) 
leads to 
Ba Er + Oe H on F 26yonH 2 sedi 3:76) 


Cy? + 6y% + 26,6085 
57 


THE STRUCTURE OF MOLECULES 


in which 


Hx, = { Yo(1) Yo(2) H po(1) Yo(2)dr sare 
Hap = { Yo(1) po(2) H yo(1) p0(2)dr dre 
H yp = [Pal 1) ps (2) HE Ya 2) bul l) dr dry 
Sto = | Yall) Po(1) Ho(2) Y(2)dr dry 


Differentiating 3.76 with respect to c, and c, and equating to zero gives 
OE _ (2c, HE y+ 2egH 4) (64H eg?+ 2019549) — (2cy + 29819) (Cy°H ry tee?H sat 2eyerH 1s) _ 


.+++(3-77) 


OC, (Cy? +c,” + 2¢,¢25) 2)? 
oF (26 ,H ag+ 26H 12) (Cy? +65? 26 49S 5) — (2eg+ eySy9) (647M rr tes" H set 2 yerH 1s) _ 9 
OCs (¢,% + ¢37 + 2c,c¢25).)? 


.. ++ (3.78) 
and following the method of simplication employed in the case of equations 
3.25 to 3.27 we have: 


C\(H 1, — E) -+ ¢,(# 1, — ESj.) = 0 . os (3-79) 

6\(H 2 — ESy0) + ¢o(#., —E) = 0 

From which it follows that : 
H1,—E H 1, — ES yo 


= 0 . «+. (3.80) 
Hi2— ES}, H..—E 
and hence 
4 (41, — E)(H_, — E) — (#4, — ES)? = 0 .+++(3.81) 
an 
(3, — E)? = (#4. — ES),)? .. ++ (3.82) 
since, as before, it may be shown that 
H 1, = Hoy - ++ -(3.83) 
From equation 3.82 we obtain two expressions for the energy viz, . 
4 Ey = (Hy, + H y2)/(1 + Sy.) » ++ + (3-84) 
an 
Eig = (#11 — H%y0)/(1 — Sy2) . «+ + (3.85) 


We will now consider the meanings of the integrals #,,, #1. and Sjp. 
We have, 


Hs =f dal) yo(2){ Yaa 7 _ 1 22 4542} vi o)endr 


..««(3-86) 


The wave functions ~, and yy are solutions of the Schrédinger equation 
for the bydrogen atom, 2.e. 


( ~2a = = )pa(1) = E,p.(1) ] 


j o +e (3-4) 
( — 3 — ) Wel2) = Beal) | 
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where E, is the energy of the hydrogen atom in its ground state. Intro- 
ducing the relationships 3.4 into 3.86 we obtain, 


1 ot.) .] : 
H 1, = 2E, + fi eae ey } e2(1) p2(2)dr dry = 2E, + C 


= 40 (3289) 


The term C is the Coulombic integral representing the interaction energy 
of the electrons with the nuclei and also the interaction energy between 


ip 


2(1 
a dary represents 
b 

1 


the electrons and the nuclei themselves. The integral | 


the attraction of electron 1, 2.e. the electron originally located with nucleus 
by? (2) 


a, for nucleus 6 and similarly | = 


dr, is the attraction of the electron of 


rf 
atom 6 for the nucleus a. The term 1/R represents the energy of repulsion 
of the nuclei and | Ya*(1) y2(2)d7,dro/r,. the mutual repulsion energy of 


the electrons. 
In exactly the same way it may be shown that 
Hoo = #H,, = 2E,+C ..-. (3-88) 
The integral #, is, however, the most interesting to the present study. 
By definition, 
Vg Ve td ok ot ek 
Ho = { ball) yy (2 {-3-2 -- == +p4—} 1) yj,(2)dr ds 
12= [¥a(1)y(2)) GEG Rt; f voll) bel2)Ar ars 


T T T 
4, b, Ta, PS 


=2E,[ MW m2WQ)dnde +f {-P-t+R+—}x 
x Ya(1)Ya(U) (2) Yul 2) dryer 
= 2E8,, +A » +» (3-89) 


The integral A in 3.89 represents a new type of expression with no 
analogue in classical mechanics and only an approximate physical picture 
of its significance may be made. It may be regarded as the energy 
developed as a result of the exchange of positions by the electrons as 
represented by the expression 


Pall) po(1) pa(2) po(2) 


Furthermore by definition from equations 3.77 and 3.23, 
Sia = [ Pal) Yo(1) Pol) Yo(2)dr dry 


J Yo) po()ary f yo(2)yn(2)¢re 
= Oe" + ++(3.90) 


By the substitution of equations 3.87 and 3.89 into 3.84 and 3.85 we obtain 
the following expressions for the energy of the hydrogen molecule, 


E, = 2E, + (C + A)/(1 + Sy.) .. + (3-91) 
E, = 2E, + (C — A)/(1 — Sy2) .. (3-92) 
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Evaluation ot the integrals C and A shows that both have negative 
values and that the value of the exchange integral A exceeds considerably 
that of the Coulombic integral C. E£, is thus less than the sum of the 
energy of the two free, non-interacting hydrogen atoms, 22, and thus 
corresponds to the case where the atoms are mutually attracted and form a 
stable hydrogen molecule. In the second solution, since 4 is larger than 
C, &, will be greater than 2, and thus the energy of the system will have 
increased as a result of the electron exchange. Such a case can only lead 
to the repulsion of the atoms. 

Substitution of equations 3.87, 3.89, and 3.91 1n 3.79 shows that when 
bonding occurs, 


Qleo=1 or ¢,=¢, .. «+ (3.93) 
and the substitution of 3.92 in 3.79 leads to the relationship 
6é/.=—-1 or c=, ..++(3.94) 
Thus we have two possible functions representing two states of the hydrogen 
molecule viz 
Pr = €y { Pall) po(2) + poll) po(2) } - ++ +(3-95) 
and 
Pir = 6) { Poll) po(2) — Yo(1) pa(2) } . «++ (3.96) 


or introducing the values of % for the hydrogen atom in its ground state, 
py = {exp ( — fo Tr ) + exp ( — To, — Ta )} {7 (2 + 2S9)#} 

+++ (3.97) 
and 

br = { exp ( — Ta, — 7,) — exp ( — Sa To.) } {7 (2 — 25)0)#} 

» » «(3.98) 
where the terms 1/{7(2 + 25,,)t} are obtained by normalization in the 
same way as was shown in equation 3.44. On squaring y, and y,, we 
obtain expressions for density of the electron cloud : 

py? = { fo?(1) fo?(2) + o?(1) bo(2) + 2yho(1) po(2) Ya(Z) yo(L)} / (2 + 253.) 
= { exp ( — 2[ro, + %,]) + exp ( — 2[r, + 7.,]) }/ {(2 + 25y9)07} 4 
+ {2 exp ( — [re oe To re ro or re ) ¥/{ (2 + 2S2)7? } . ++ + (3-99) 


prs? = {oa?(1)yo?(2) + o?(1) fo?(2) — 2pa(1) fo(2) a(2) po(1) } (2 — 259 ) 
= { exp ( — 2[re, + J) + exp ( — 2[r + t0,]) }/{ (2 — 2Sy_)x?} — 
— { 2exp(— [re +r +7 + ro N)}/{ (2 — 25S,2)*} .. «+ (3.100) 


The first and second terms of equations 3.99 and 3.100 represent the spherical 
electron clouds, corresponding to the presence of the electrons at the nuclei 
whilst the third term describes the exchange cloud, which is elliptical in 
shape. This we shall term the transitional structure as for the hydrogen 
molecule ion. 

In the hydrogen molecule the contribution of the first structure to the 
final state of the molecule is .?(1)p_2(2)/h,2(2 + 25;,), similarly the con- 
tribution of the second structure is y,?(1)%o2(2)/,2(2 + 25.) and of the 
transitional structure 2.(1) (2) h.(2) wa(1)/y,2(2 + 25,,). Integration of 
these functions throughout space and normalization to unity leads to the 
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expressions 1/(2 + 25,5) for the first and second structures and S,o/(1+5S}.) 
for the transitional structures. : 

At the equilibrium position, $,. = 0°56 and hence the structural weights 
of the first and second structures is 32 per cent and of the transitional 
structure 36 per cent. 

The electron cloud where a chemical bond is formed is shown in Figure 13 ; 
Figure 14 shows the corresponding case where repulsion occurs. In the 
latter if we consider the electrons to be equidistant from both nuclei (i.e. 
when 76 = %, and ra, = %,) it is found on substitution in equation 3.100 


that the probability of such a configuration is zero and hence the electrons 
are never in these positions. This fact is indicated in Figure 14. 


Figure 13. Electron distribu- Figure 14. Electron distribution for the 


tion for the hydrogen molecule 0 
when bonding occurs hydrogen molecule when repulsion occurs 


THE PAULI PRINCIPLE 


In the above treatment of the hydrogen molecule ion and the hydrogen 
molecule, the effect of electronic spin has been excluded, but the complete 
wave function of an electron must include not onlv the orbital motion, 
with which we have been concerned so far, but also a contribution for the 
spin. With single atoms it was possible to introduce a fourth quantum 
number s in addition to the three quantum numbers n, / and m in order 
to account for the spin of the electron, and for polyelectronic molecules it 
is possible to preceed in an analogous manner. The complete wave function 
of an electron is considered to be the product of the orbital wave function, 
1.¢. the wave function that we have been considering so far, and a wave 
function representing the orientation of the spin axis of the electron. 

If % represents the orbital wave function of an atom for a given value 
of the quantum numbers n, / and m, then the spin wave function may be 
represented by two functions a and B whose values are determined by the 
following conditions : 

a%( +4) =1, o%(—4)=0, BU +4) =0, B(—-H) =1 

.... (3.101) 
These conditions mean that the wave function a refers to the state of the 
electron in which the spin quantum number s, has the value + ?/,, and in 
consequence the probability of it having the value — }/, is zero. Similarly 
the function 8 describes those states corresponding to a value for s of — 1/, 
and consequently the probability of it having the value + }¥/, is zero. The 
complete wave function of the electron is then represented by 


@= ya or G= VPP .. +. (3.102) 
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For two electrons, the complete wave function of the first electron will 
be w,(1)a(1) which denotes that the first electron is attached to the nucleus 
a and the solution is given by 


pa(l) = {exp ( — 70 )}/V 9 - +++ (3.5) 


and that the spin wave function corresponds to s = + 1/2. The function 
of the second electron is ¥»(2) (2), which means that the second electron 
is attached to nucleus 3, its orbital wave function is y% and the spin wave 


function corresponds to s = — 1/2. The complete wave function of the 
two electron system is then given by, 
D = (1) po(2) a(1) B(2) -- + + (3-103) 


The function given in equation 3.103 is, however, a special case in which 
the spins of electrons 1 and 2 are antiparallel. In the general case each 
electron may have any value of the spin quantum number, so that in place 
of the two wave functions ¢,(1)Y.(2) and ¥.(2)%(1), representing the 
Table XV. Complete Wave Functions for the Two Electron Problem ©XChange of the clec- 
a trons between the two 


Quantum number of | Orienta- 1 
Complete ware function | Electron 1 Electron 2 | ————_—_|_—_—_|_ tion of nuclei, ae shall have 


at nucleus j at nucleus | Electron 1 | Electron 2| spin eight complete wave 
Yall) Wy(2)a(1)@(2) a 6 ++ | +3 | 44 functions (Table XV). 
wa (L) We (2)A(1)A(2) a b ming —} All eight wave functions 
Wa(1)$o(2) a(1)A(2) q +4 a correspond to the same 
Wa(l)Wo(2)a(1) a(2) a b —4 +4 


+t 

4 

i” value of the energy, 
Ya (1) a2) a(2).a(2) b ay ae ‘Feri 
Ya(1)va(2)a(1)A(2) b ;; differing only in the 
Yo(1)va(2) a(1)A(2) b 1+ 
Yo (1) a(2)a(1) a(2) b +4 


arrangement of the 
electrons. 

———).  ———_In view of the fact 
that the electrons are indistinguishable, we have employed in place of the 
separate functions ¥,(1)¥%.(2) and y¥(1)¥.(2), linear combinations of the 


form : 
= C,H a(1)yo(2) + Cope(1) p.(2) » +++ (3.74) 


and a similar procedure must be employed in the case of the functions 
viven in Table XV. Without further information it is not possible to state 
which of the possible linear combinations are significant. Such information 
is given, however, by the Pauli principle. It is essential to select the 
combination which includes only those states permitted by the Pauli 
principle. In order to do this it is necessary to understand symmetric and 
antisymmetric wave functions. 

Wave functions are termed symmetric if they remain unchanged on 
transposition of the electrons. This process may best be explained by 
taking an example. The function 


Yr = Pall) po(2) + Yo(1) pa(2) - +++ (3-95) 
is symmetric because on transposition of the electrons we obtain 
Pr = fo(2)do(1) + do(2) be(1) -- ++ (3-104) 


which is identical with equation 3.95 1.¢. %, = y%,’ and the function y, 
remains unchanged on the rearrangement of the electrons. An antisym- 
metric wave function reverses its sign in the transposition of electrons 


e.g. the function 
Pir = Yall) po(2) — po(l) p.(2) .. ++ (3.96) 
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on rearrangement of electrons becomes 
Pir = Po(2) po(l) — po(2) Pa) . +++ (3-105) 
and on = — on 


The square of the wave function gives the density of the electron cloud, 
and when two electrons, e.g. electrons 1 and k, exchange places, in view of 
their identity, there is clearly no change in the density distribution and 
therefore 


YP(xp Mee Me) = W(X. ere ee x;) ....(3.106) 


and 2 will always be symmetric. In a similar way it is clear that the 
square of the symmetric (3.95) and antisymmetric (3.96) wave functions 
for the hydrogen molecule are symmetric. Thus 


12 = ha2(1) Yo2(2) + po2(1) e2(2) + Qba(1) Yo(2) Ya(2) Yo (1) 
dhs! = pe? (1) o2(2) + ha?(1) fo2(2) + 2ybe(1) bo(2) po(2) Po(L) 


and hence r= db 


also rr? = ha2(1) po?(2) + Yo2(L) pu2(2) — 2po(1) o(2) a (2) po(L) 
12 = Yo2(L)be2(2) + Pa2(L)o2(2) — 2do(L) po(2) Po(2) fa() 


D 
and hence oe = by 


Thus the orbital wave functions may be either symmetric or antisym- 
metric and both types of function are important for describing the state 
of a molecule. 

The complete wave function is different, however, and it will appear 
that only an antisymmetric complete function, which reverses its sign on 
transposition of the electrons, is acceptable on the basis of Pauli’s principle, 
which states in wave mechanical terms: ‘Only that complete wave 
function may be selected which does not permit the two electrons to 
exist in the same state’. Let us consider a symmetrical complete wave 
function and assume that the two electrons have the same values of the 
quantum numbers n, /, m and s ; when the electrons are interchanged the 
wave function will be identical with the original. Thus by the use of a 
symmetric function it is possible to describe an electronic state which is 
not permitted by the Pauli principle. It may therefore be concluded that 
the complete wave function cannot be symmetric. 

Now let us consider an antisymmetric complete wave function which 1s 
also prohibited ‘by Pauli’s principle. Again it is assumed that there are 
two electrons having the same values of n, /, m and s. Transposition of 
the electrons should not alter the function since both electrons are in 
identical states, but since the function is antisymmetric, the sign must be 
reversed ; these two statements can be compatible only when the function 
is zero. Thus when the complete wave function is antisymmetric it 
becomes zero when in disagreement with Pauli’s principle. Thus not all 
the linear combinations of the functions in Table XV are possible, but only 
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those which lead to a complete wave function which is antisymmetric. 
For example consider the linear combination 


¥'o(1) o(2)a(1) a(2) + Yr(1) Ya(2)a(1)a(2) = a a ad lad 


By reversing the positions of the electrons we obtain 
{o(1) $o(2) + yo(2) Po(1) } a(1) a(2) 
i.e. the same function, and consequently it is symmetric and must be 
rejected. Examination of the functions in Table XV lead to the following 
four possible antisymmetric linear combinations : 
Wo(1) Yo(2)a(1) B(2) + Yo(1) Yo(2)a(1) B(2) — Yo(1) Yo(2) BCL) a(2) — 
— r(1) p.(2) BCL) a(2) 
= { po(1) yo(2) + yo(1) po(2) } { a(1) B(2) — B()a(2) } 


... (3.108) 
a(1) Yo(2)a(1) B(2) — yo(1) yo(2)a(1) B(2) + po(1) po(2) BCL) a(2) — 
— yo(1) pa(2) B(1) a(2) 
= { Yo(1)Yo(2) — po(1) po(2) } { a(1)B(2) + B(1)a(2) } aes 
pha(1)s(2)a(1)a(2) — (1) pa(2) (1) a(2) 
= { do(1)¥(2) — x(1)¥.(2) } a(1)a(2) .. ++ (3.110) 
Po( 1) yoo(2) BCL) B(2) — Yo(1) Ho(2) B(1) B(2) 
= {a(1) po(2) — do(1) fa(2) } BCL) A(2) +++ (3.111) 


These functions comprise the linear combination of the wave functions 
which we have already discussed, together with terms representing the 
spin wave functions. It has been shown in the last section that the for- 
mation of the chemical bond is described by the symmetric wave function 


Br = Poll) yo(2) + $o(1) po(2) - +++ (3-95) 


and in order to make the complete wave function antisymmetric it is 
necessary to combine function 3.95 with an antisymmetric spin wave 
function since the product of an antisymmetric and a symmetric function 
will be an antisymmetric function. The only possible antisymmetric spin 
wave function is 


o,= a(1)B8(2) — B(1)a(2) ..-+(3.122) 

The product of equations 3.95 and 3.112 leads to 3.108 
It will be seen from Table XV that equation 3.112 describes the state of 
the two electron molecule in which the electron spins are orientated in 
opposite directions, and the total spin angular momentum will therefore 


be zero, t.¢. 
Ls = (+4) +(— 4) =0 ++ +(3-113) 
Thus we may conclude that for a bond to be formed the spins of the 
participating electrons must be antiparallel and the two electrons will 
then be located in one orbital. 
If the orbital wave function is antisymmetric 


Bir = Yo(1)o(2) — Yo(1) pa(2) . + « (3-96) 
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then in order that the resultant complete wave function be antisymmetric, 
the spin wave function must be symmetric. The three such functions 


~ 2 = a(1)a(2) . (3.114) 
og = a(1)8(2) + B(1)a(2) (3.115) 
4 = B(1)B(2) (3.116) 


Thus on the basis of the above conclusions we see that for the hydrogen 
molecule there are four possible complete wave functions : 


{ Po(1)po(2) + yo(1) a(2) } { e(1) B(2) — BU1)a(2) } ous = 


3.108) 
{ Yall) fo(2) — yo(1) Yo(2) } { a(1)a(2) } =+1 
. .(3-96) and (3.114) 
{ Po(1)yYo(2) — yoo(1) Po(2) } { a(1)B(2) 4 B(1)a(2 )} us = 0 
....(3.96) and (3.115) 


{ ya(L) Yo(2) — yo() fo(2) } { BCL) 8(2) } Ess — 

....(3.96) and (3.116) 
It follows, therefore, that there is only one state of the hydrogen molecule 
with a symmetric orbital wave function, which as we have seen leads to 
bond formation. On the other hand there are three states with anti- 
symmetric orbit wave functions, which lead to repulsion. The stable form 
is termed a singlet and the repulsion form a triplet state. On a collision 
between two atoms of hydrogen, the probability that a molecule will 
result is therefore 1 : 4. 


CALCULATION OF THE BOND ENERGY AND INTERATOMIC DISTANCE 
FOR THE HYDROGEN MOLECULE 


Having calculated the values of the integrals 
C and A (equations 3.91 and 3.92), it is 
possible to determine the energy of the 
molecule as a function of the internuclear 
distance. The curves obtained are shown 
in Figure 15. The upper curve gives the 
repulsion energy of atoms with electrons of 
parallel spins, the next lower curve repre- 
sents the Coulombic energy, the third the 
energy of the molecule according to equa- 
tion 3.91 and the lowest curve represents 
the experimentally determined value. 

The Coulombic energy clearly is not very 
large ; the curve passes through a shallow el 
minimum, which although representing 
attraction of the atoms, gives an energy value 
which is too small to explain the stability Distonce between Nucte: 
of the molecule. Inclusion of the exchange Figure 15. Energy curves for the 
energy (third curve) gives a much more hydrogen molecule 
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satisfactory explanation of the strength of the chemical bond and shows 
that only 14 per cent of the total bond energy can be regarded as 
Coulombic in nature. The calculated value of the bond energy is 72-3 kcals 
and of the interatomic distance is 1-64 atomic units = 0-86 A. 

The experimental value for the dissociation energy of the hydrogen 
molecule into unexcited atoms is 103:2 kcals. To this value must be added 
the zero point energy (see Chapter 8) equal to 6-2 kcals; when the molecule 
dissociates into atoms the whole energy of the bond is not used up, but 
6-2 kcals less, since the molecule in its ground vibrational state possesses 
this amount of energy. Thus the actual experimental value for the bond 
energy of the hydrogen molecule is 109-4 kcals. The experimental value 
of the internuclear distance is 0-74A. The discrepancy between the 
calculated and experimental values is explained by the fact that in the 
treatment employed, we proceeded from atomic functions which were 
correct only when the nuclei were at an infinite distance apart and applied 
them to the state where the internuclear distance is of the order of 10~§ cm. 

Several authors have attempted to improve on the approximate method 
of Heitler and London. Wane‘ made use of the functions y¥, and %%, but 
altered the effective charge on the nucleus by using the expression 


Ya = {exp (— Lr) L97/ Vx} -+ ++ (3.117) 


and obtained the value of 2, when E had a minimum value. RoseEn® 
attempted to include the polarising effect of the second nucleus on the 
electron cloud of the first atom and in place of a spherical 15 electron cloud 
he employed a cloud elongated in the direction of the second nucleus. 
This may be represented as the partial combination of the 2f with the 


Is state, ¢.g. 
Ye = Pi, + Mpa, ++ (3.118) 


where 7) is a coefficient. 

WEINBAUM*® introduced a further development ; along with the uncharged 
states corresponding to the functions (1)¥,(2) and (1)yY.(2) it is 
possible that there exist also those states where both electrons are located 
simultaneously 1n one or other of the nuclei. These ionic states may be 
represented by the formulae : 

H- H+ (both electrons on nucleus a) 
H+ H- (both electrons on nucleus b) 


To these ionic states there correspond the functions (1) #.(2) and yo(1) ¥(2). 
The calculations of Weinbaum show that the ionic states are of higher 
energy than the non-ionized states and are therefore less probable. The 
contribution of these forms to the final state of the molecule is approxi- 
mately 4 per cent, t.e. 2 per cent from each form. The wave function of 
the system will thus have the form 
pb = { Pall) yr(2) + pa(2)po(1) } +6 { fa(1) $o(2) + suai} 
».. (3.119 

where ¢ is a constant determining the contribution of the ionic form. 

The results of the calculations of Wang, Rosen and Weinbaum are 
given in Table XVI. 

A more complex procedure was introduced by JAMEs and Coo.ipGE’. 
One of the chief reasons for the incorrect value obtained by the earlier 
methods is that the wave function does not take into account the mutual re- 
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pulsion of the electrons. It is 
true that the Hamiltonian 
operator (equation 3.70) in- 
cludes a term for the 
interaction of electrons but 
allowance should also be made 
in the wave function for the 
system. Incorporating this 
effect it was possible, as shown 
in Table XVI, to achieve almost 
exact agreement with the ex- 
perimental values. 


Table XVI. Bond Energy (E) and internuclear 


distance (R) for hydrogen molecule 


n C 

oO oO 

re) oO 

ov! o 

O°! oO 

re) o'158 
oO 0'256 
0-7 o-175 


| E R 
Author | keals A ng 

Heitler and London . ; 

Sigiura® =... } 72°3 0°86 : 
Wang 86-6 0°78 1°17 
Rosen 779°2 o'Bo I 
Rosen i 92°6 0:77 ny 
Weinbaum .. 73°9 o-8t I 
Weinbaum .. Q2°2 o°77 13g 
Wetnbaum .. ee 94°5 o'77 "lg 
James and Coolidge 108-8 0°74 — 
Experimental values 109°4 0°74 — 


The Heitler-London method, although approximate, has the advantage 
that a physical picture of the nature of the chemical bond may easily be 
obtained. The bond is formed by two electrons, one from each atom with 
Opposite spin and owing to the transfer of the electrons, two states arise, 
which on superposition yield a transitional cloud, which serves to bond the 


atoms together. 


Such a bond is termed the homopolar or covalent bond. 


This physical picture of the bond is clearly the basis of the electron pair 


bond of Lewis. 
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SATURATION AND DIRECTION OF 
VALENCY BONDS 


SATURATION OF VALENCIES. LOCALIZED BONDS 


IN CONSIDERING the saturation of valencies it will be convenient to follow 
the method of Heitler and London and consider the interaction of helium 
and hydrogen. The helium atom possesses two electrons in a completed 
1s orbital. Let these electrons be designated 1 and 2, in agreement with 
the Pauli principle the spins of these electrons will be opposite. The 
electron of the hydrogen atom is represented by the number 3. The 
system being considered is thus represented by : 

He} 4 tH 

I 2 3 

The possibilities of the exchange of the hydrogen electron with either of 
the helium electrons is restricted in the first place by the Pauli principle. 
The exchange of electrons 1 and 3 results in the appearance of two electrons 
with parallel spins existing in one orbital which is not permitted by the 
exclusion principle. There remains in consequence only the possibility of 
the exchange of electrons 2 and 3, which because they have parallel spins, 
will, as has been shown in the last chapter, lead not to bond formation 
but to mutual repulsion. Thus no molecule HeH 1s formed. 

Following a similar argument, Heitler and London also considered the 
possibility of the interaction of two atoms of helium. Let the two nuclei 
be denoted by the letters @ and 4 and the electrons numbered 1 to 4. The 
system to be considered is thus represented by : 


a b 
+ + t 
I 2 3 4 


The formation of a bond can only occur by the transposition of two elec- 
trons having opposite spins, e.g. 1 and 4. Such an exchange, however, is 
forbidden by the Pauli principle, since electron 4 would enter into an 
orbital along with electron 2 having the same direction of spin. This 
inability for an exchange of electrons to occur explains both the mon- 
atomic nature of helium and its chemical inertness. In general, all atoms 
containing only orbitals with two paired electrons will be chemically inert ; 
only when an orbital contains a single unpaired electron can bond for- 
mation occur. 

A theoretical basis has thus been obtained for the hypothesis, put forward 
earlier, giving the relationship between the valency of atoms and the 
number of unpaired electrons. Each unpaired electron can take part in 
the formation of one bond and thus chemical properties are determined 
not simply by the number of outer electrons possessed by an atom, but 
by the number of unpaired electrons. The presence of completed shells 
of electrons leads, on the formation of molecules, to the partial weakening 
of the bond ; this is illustrated by a comparison of the hydrogen molecule 
with the diatomic molecules formed by the alkali metals. As with 
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hydrogen, the bond in these molecules is formed by s electrons located in 
the outer orbit ; the difference lies in the fact that the hydrogen molecule 
possesses no inner shell of electrons. Thus lithium, apart from the outer 
25 electrons, has two more deeply located 15 electrons, and the two saturated 
shells of the two atoms in the lithium molecule repel each other, with the 
result that the bonding due to the electron cloud of the outer 2s electrons 
is considerably weakened. The dissociation energies and interatomic 
distances at equilibrium! are given in Table XVII, and it will be noticed that 


all the molecules of the alkali Table XVII, Dissociation Energies and Interatomic 


metals have much lower disso- Distances in the Diatomic Molecules of Hydrogen and 


ciation energies than has the the Alkali Metals 

hydrogen molecule, and much 

larger interatomic distances. In Dissociation energy | Interatomte distance 
the hydrogen molecule the in- Afolecule ke 

teratomic distance is 0°-74A A 
whereas in the lithtum molecule sy 0-7 

ae : 3 t 

it is 3°5 times greater (2:67 A) Li, 2°67 

and the dissociation energy is Na, 3°08 
almost one quarter (26kcals as ‘Bz 3°9? 


compared with 103°2 kcals). As  q, 
the number of complete —emc TO 
electronic shells is increased on proceeding from lithium to caesium, so 
the dissociation energy decreases and the internuclear distance increases. 

The quantum states of the two electrons forming a chemical bond 
determine the three quantum numbers of the orbital within which they 
are contained. Such an orbital is termed a molecular orbital and the 
fact that any attempt at interaction by a third electron leads to repulsion 
is the cause of valency saturation, which is a characteristic property of 
covalency. 

Attraction by Coulomb forces does not lead to valency saturation. Ifa 
positive ion is attracted by a negative ion, that does not prevent it from 
being attracted to other negative ions. Thus with electrostatic attraction 
it is not the normal valency which is characteristic, but the number of 
surrounding ions. In the crystal lattice of sodium chloride, each chloride 
ion is surrounded by six sodium ions and in the caesium chloride lattice 
eight caesium ions surround one ion of chlorine. The numbers 6 and 8 
bear no relationship to the number of unpaired electrons. 

The interaction of two unbonded electrons may be shown to lead in- 
variably to repulsion?. When two electrons situated in different hydrogen 
atoms come together, their spins can couple in four different ways, as 
shown in Chapter 3. One of these, when Xs = 0, corresponds to a sym- 
metric orbital wave function and bonding occurs with the formation of a 
hydrogen molecule ; in the other three cases, when Zs = + 1, 0, —1, the 
orbital wave function is antisymmetric and repulsion occurs. Since all 
four types of coupling have equal probability, it follows that one fourth 
of the encounters between hydrogen atoms will lead to the formation of 
molecules in the singlet state and in the other three-fourths to the triplet 
state and repulsion of the atom. Similar conditions will prevail when two 
electrons, each situated in a different hydrogen molecule, approach each 
other. At any instant the probability of finding the electron pair in the 
singlet state compared with a triplet state will be in the ratio 1:3. Thus 
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the average interaction energy £, of two non-bonded hydrogen atoms 
in different hydrogen molecules will be given by, 


E=}£,4+2E, vee (4.3) 


where E, is the energy of the singlet state and £, that of the triplet state. 
If the integrals §$,, are assumed to be negligibly small, then the values of 
E, and £, as given by equations 3.91 and 3.92 will be: 


E,=2E,+C+A 1+. (4.2) 
E,=2E,+C—A vee. (4.3) 


where C’ is the Coulombic energy, A the exchange energy and E£, the 
energy of the hydrogen atom. From equations 4.1, 4.2 and 4.3 we obtain 
C+aA C—A A 

E = 2B, +" +3e—4) =2E,+C—5 ..--(4-4) 
Since the numerical value of A is very much greater than C, A/2 will be 
greater than C and since both are negative the resultant value of £ will be 
greater than 2E,; thus there will be a repulsion between two atoms not 
connected by a covalent bond. This argument is valid only if the two 
hydrogen molecules are some distance apart. If the distance 


= between the molecules becomes approximately equal to the 
. ~ internuclear distance within the molecules there 1s no evidence 
: for considering the system abcd (Figure 16) as consisting of 
y the molecules ad and cd rather than of the molecules ac and 
ae H bd. This particular case must be considered as a system 


in which four electrons exist in the field of four nuclei. 

Figare 16. The Tn such a system formula 4.4. does not apply. 

che rai In contrast to the hypothetical molecule H,, real mole- 
cules present examples of localized bonds in a very large 

number of cases. The molecule of ethane, tor example, can have only one 

structural formula : 


H H 
Nee 

H—C—C—H 
foooN 

H H 

Any other arrangement, ¢é.g. 

H H 
ee 

H—C=C—H 

H————-H 


whilst not conflicting with the valencies of the atoms, is nevertheless im- 
probable. The interatomic distance in the C—H bond is 1-09 A, whereas 
the distance between the two hydrogen atoms of two CH, groups is found 
to be 2:02A (this is the distance between the two hydrogen atoms joined 
by a link in the second formula). The exchange energy in such a system 
will be negligible as it diminishes rapidly with an increase of interatomic 
distance ; in the hydrogen molecule this is 0-74 A. The energy of the first 
structure is, therefore, so very much greater than that of the second that 
the contribution of the latter is negligible. It is on the basis of this argument 
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that a molecule may be considered as a collection of atoms joined by 
localized bonds. 

This conception of the chemical bond has been considerably extended 
by SLtaTEeR? and by Pauuinc* and yields results of great importance in 
chemistry. The essential postulate in this treatment, which has become 
known as either ‘ the method of localized pairs’ or ‘ the method of directed 
valence bond ’, is that the energy of the molecule consists of the following 
components : (1) the total Coulombic energy, (2) the sum of the exchange 
energies of the various separate links and (3) the repulsion energy of the 
unbonded electrons. Let us apply this treatment to the simple triatomic 


molecule adc, 
a b C 
th ofty 
Atoms a and ¢ have a single electron each, but atom 0 has two valency 
electrons and the complete molecule contains two bonds, ab and be. The 
electrostatic attraction and repulsion of all the electrons and nuclei enter 


into the Coulombic energy term. The exchange energy of the links ab 
and dc will be : 


Aas + Ane 


In addition, there will be the repulsion of the three pairs of electrons not 
used in a particular bond, 7 the electrons of atoms a and c¢, 1 the electron 
of atom a and the electron of atom 4, not paired with it, 12 the electron of 
atom c and the electron of atom 3, not paired with it. These repulsion 
energies will be : 


where A’ represents the exchange integral in the case of unpaired electrons. 
The interaction of the two unpaired electrons of atom 
b have already been accounted for in the energy of the 
atom. A,, will not be equal to A, as can be seen 
by reference to Figure 17. Since it has been supposed 6 
that atom 6 has two unpaired electrons, it follows that 9 
these must be f electrons. The electron clouds of these 
two f electrons will appear as two figure eights oriented 
at right angles. The atoms a and ¢ will then place 
themselves so that there is the greatest possible super- Figure 17. Electron 
position of electron clouds (a and ¢ are assumed to have sielibonatat Jor ee 
a single s electron each, these are represented as circles Peers ages re 
in Figure 17) and it will be seen that the interaction of the unlinked electrons, 
viz circle a with vertical figure eight and circle ¢ with horizontal figure 
eight, will be very small. 

The total energy of the molecule therefore will be : 


¢ 


am Ayn Ay As 
E=C+ Aut Ao. og ee o. ++ (4.5) 
and thus in its general form, the energy of a polyelectron molecule will be, 
E=C + DAa — $240 - - (4-6) 


where Ag represents the exchange energy of electron pairs found a 
covalent bond and Ag represents the exchange energy of nonbonding 
pairs of electrons. 
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Quantitative data relevant to the determination of the energy of mole- 
cules will be discussed later. 


DIRECTIONAL COVALENCY 


Experimental] data indicate that valency bonds are localized in a particular 
direction in space and the idea, first put forward by Van’r Horr, that the 
four valencies of the carbon atom are directed towards the four corners of 
a tetrahedron has been supported by recent physical measurements which 
permit the determination of valency angles. 

The suggestion was put forward by Pautine‘ that the direction of a 
bond will correspond to that in which the electron clouds of the two 
electrons forming the bond overlap to the greatest possible extent and the 
electrons will therefore exist most probably between the two nuclei. The 
greater the overlap of the individual orbits the greater will be the density 
of the charge between the nuclei and hence the stronger the bond. It was 
shown in Chapter 1, that the fundamental difference between the s and 
f orbitals was that the former was dependent only on 7, the distance of 
the electron from the nucleus, whereas the latter was dependent also on 
the angles 6 and ¢. In general therefore, s orbitals are spherically sym- 
metrical and consequently there is no directional property of the valency. 
With £ electrons, however, there are three possible orbitals, p,, p, and ,, 
consisting of figure eights directed at right angles to each other and it 
follows therefore, that when an atom forms bonds involving p orbitals, the 
angle between the bonds should be go° (see Chapter 18). 

In the oxygen atom there are two unpaired p electrons, 


0 
25 2p 


and the two orbitals of the valency electrons will be at go° to each other. 
Compound formation with two hydrogen atoms will occur through the 
maximum possible overlapping of the hydrogen 1s orbitals with the oxygen 
2p orbitals, say the 2p, and 2pf,.. This will result in the oxygen atoms lying 
along the x and y axes, and hence the angle between the two O—H bonds 
should be go°. Experimental data, based on spectroscopic and dipole 
moment measurements, show that the molecule has a triangular structure 


O 
/ \. and that the angle between the bonds is slightly greater than 
H H 


go°. The reason for the discrepancy will be discussed later. 

In the nitrogen atom there are three unpaired p electrons and thus the 
angles between the three N—H bonds in ammonia should be go°.  Experi- 
mental data show that the angle is rather more than this, being 108°, but 
nevertheless the general structure of the molecule is that of a triangular 
pyramid and the flat model, 


H H 
ee 
N 


| 
H 
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is in disagreement with experiment. The experimental data for oxygen, 
nitrogen and other atoms are summarized in Table XVIII. 


Table XVIII. Observed Valency Angles 


Molecule Bond anzle Experimental value Experimental method 
H,O (gas) H—O—H 105° spectroscopic 
F,O (gas) F—O—F 100° electron diffraction 
C1,O (gas) Cl—O—Cl 115° 5 ‘i 
(CH;),0 (gas) C—O—C 111° ” ” 
CH,—CH, 
/ 
oO | C—O—C 110° ‘ , 
\ 
CH,—CH, 
CH-——CH 
| | 
CH CH C—O—C 107° » >» 
Ne 
O 
H,S (gas) H—S—H g2° spectroscopic 
S, (crystal) | S—S—S 106° X-ray 
S, (gas) S—S—S 100° electron diffraction 
BaS, (crystal) S—S—S | 103° x-ray 
K,S30, (erpstal) S—S—S | 103° ” 
a 
| | 
bey CH C—S—C gi? electron diffraction 
\ : 4 
SCl, (gas) Cl—S—Cl 103° ” » 
H,Se (gas) H—Se—H go° (approx) Spectroscopic 
Se (crystal) Se—Se—Se 105° X-ray 
Te (crystal) Te—Te—Te 102° ” 
NH, (gas) H—N—H 108° spectroscopic 
N(CH3)5 (gas) C—N—C 108° electron diffraction 
PH, (gas) H—P—H 93° Spectroscopic 
P (crystal) P—P—P 99° X-ray 
P(CHs); (gas) C—P—C 100° electron diffraction 
3 (gas F—P—F 104° ‘i ss 
PFC], (gas) Cl—P—Cl 102° » » 
PC), (gas) | Cl-—-P—Cl 101° ” » 
PBr, (gas) i Br—P—Br 100° es “a 
PI, (gas) I—P—I 98° a6 »” 
As (crystal) As—As—As 97° »”> ” 
As(CH;), (gas) i C—As—C 96° or ” 
AsC], (gas) | Cl—As—Cl 103° _ 1» 
AsBr, (gas) Br—As—Br 100° ‘4 - 
AsI, (gas) I—As—I 100° »» ”» 
Sb (crystal) Sb—Sb—Sb 2 X-ray 
SbCl, (gas) Cl—Sb—Cl 104° electron diffraction 
SbBr, (gas) Br—Sb—Br g6° 9 ” 
SbI, (gas) I—Sb—I 98° » 9 
Bi (crystal) Bi—Bi—Bi 94° X-ray 
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The experimental error in the determination of valency angles is probably 
not more than 5 per cent and the discrepancies between the observed and 
theoretical angle may in certain cases be due to experimental error. 
However, since all the valency angles are greater than go° a more signifi- 
cant explanation must be given. In the water molecule the valency angle 
is 105°, thus exceeding the theoretical value by 15°. This discrepancy is 
brought about in two ways. First, there exists a repulsion between the 
two hydrogen atoms by virtue of the interaction of non-bonding electrons 
and secondly, as a result of resonance with the ionic states 


O O 


+ ew 
H H H H 


both atoms of hydrogen possess positive charges thus producing a Coulombic 
repulsion. In support of the latter explanation examination of the data 
in Table XVIII shows that in a series of compounds in which the contri- 
bution from the Jonic forms decreases along the series, there is a corresponding 
decrease in the magnitude of the valency angle e.g. H,O, H,S, H,Se ; 
NH,, PH,; PF;, PCl,, PBr., PIs. 


HYBRIDIZATION OF BOND ORBITALS 


The carbon atom in its ground state has two unpaired f electrons : 
CHT Ly] 
25 2p 


As with the oxygen atom it might be expected that the two # electrons 
were used in bond formation thus leading to a valency of two. Since 
carbon is normally tetravalent, however, the carbon atom must be in an 
excited state with one of the s electrons transferred to the vacant orbital. 
This excitation requires an energy of 80 kcals* which must be compen- 
sated for when valency bonds are formed. The resulting tetravalent carbon 
atom has one s and three # orbitals and it might be supposed that three 
of these should be oriented at right angles to one another and that the 
fourth should have no directional 

properties. It has long been 

known, however, that the four 

bonds of carbon are _ exactly 

equivalent and are directed to- 

wards the four corners of a tetra- 

s p hedron (Table XIX). This is ex- 
plained by the formation of four 

sp® hybrid bonds in place of the 

single s and three p bonds. The 

states of the electrons are then des- 

cribed by the linear combination 


| of the orbital wave functions, v1z 


ee =ay, +b + cd, + dy 
Figure 18. The s, p and tetrahedral hybrid sp* ¥ Ys “a Yh, és 
orbitals It is found that a bond involving 
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an orbital formed by the linear combination of s and fp orbitals, taken 
with certain values of the numerical coefficients a, 6, c, and d, has a bond 
strength greater than an sor f orbital alone (for greater detail see chapter 18). 
The reason for this increased bond strength is seen in Figure 18 where the 
hybrid sp? orbital is seen to be concentrated more in one direction, com- 
pared with a p orbital, and in consequence enables overlapping of bond 
orbitals to occur to a greater extent. 

When carbon is linked with four neighbouring atoms, the four valencies 
are directed towards the corners of a regular tetrahedron. Such a con- 
figuration is favourable for several reasons. Firstly, the hybrid sp? tetra- 
hedral orbitals permit greater overlapping of orbitals and hence a greater 
bond energy than s or 
orbitals. Secondly, when a 
reacting atom X approaches 


Table XIX. Observed Valency Angles of some Carbon 
Compounds (by electron diffraction) 


the carbon atom, in addition 
: : | ; 
to the maximum overlapping Moaans ya ee see ea 
of the bonding orbitals, the —_—_—_——, es 
extent of the overlapping of CH. aes is ae + 109° a 
the orbital of the electron of X CHs—CHs = 109° 28" 
with non-bonding electrons of (aH) CH OCH: oe tae 3! - 3° 
the carbon atom is a minimum (CH,)\C * | G—C—E | 109° 28" 
and finally the mutual repul- eae piieeie 
; f xX ms i ( 111° 30’ + 2° 
On ers oe ae (GEHL) .OBr C—C—C | 111° 30’ ¢ 2° 
minimum. The electron C.H-Cl C—C—Cl } 111° 30’ + 2° 
diffraction data shown in Table C,H,Br C—C—Br | 109° + 2° 
AIX shows that the valency (CH,),CHCI C—C—Cl ] 100° + 3° 
angle of carbon is either equal anther 
to or very close to the tetra- ee rama : eet a 30 £3 
eae 6 3 3 9 + 2 
hedral angle. Hybridization CH,F, | ane gn 110° + 1° 
of orbitals leading to a tetra- CH,Cl, Cl—C—Cl | 112° 4 2° 
hedral configuration occurs in eat a Be ea t10° 4 2) 
exactly the same way with Gy; p° Br—C__Br erat 
silicon, germanium, and tin. CHBr,. Br—C—Br | 111° + 2° 
Similar behaviour is found C,H,,N,* N—C—N 110° + 2° 
with other atoms. Boron in SIHCls Cl—Si—Cl_ | 110° + 2° 
SiHBr, Br—Si—Br 110° + 2 


the trivalent state has one s and 
two f electrons and hybridiza- 
tion leads to the formation of 


* Hexamethylenetetramine 


three equivalent hybrid sf? orbitals lying in the same plane and with 
a valency angle of 120°. Experimental data® for B(CH,), are in agreement 
with this prediction. Beryllium and mercury in the excited state necessary 
for bond formation, have one s and one p electron which form two hybrid 
sp bonds at an angle of 180° to each other. 

Comparison of the elements of the third and fifth groups, both having 
three unpaired electrons leads to an explanation of their stereochemistry. 
Boron has one s and two f electrons and thus forms three planar sp? 
hybrid bonds, whereas nitrogen possesses three f electrons which form 
bonds at right angles to each other. The comparison is similar between 
elements of the sixth group and beryllium, in the former case the unpaired 
electrons are electrons thus forming two bonds at go°, whilst beryllium 
with one s and one # electron forms two linear sp hybrid bonds. 
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G- AND 7- BONDS 


The existence of multiple bonds between atoms has been known for some 
considerable time. Thus with the nitrogen molecule each atom uses fully 
its three valency bonds and the link is therefore a triple one. Such a bond 
was represented by Lewis as three pairs of dots to correspond to the three 
pairs of bonding # electrons, 


NeitN 


Such a simple representation cannot be correct as the three p orbitals of 
each nitrogen atom will be approximately at right angles to the other two. 
One pair of electrons will give maximum overlapping along the line of 
centres and such a link is termed a o bond. The remaining orbitals will 
exist In two directions perpendicular to the line of centres and mutually at 
right angles. Overlapping will also occur between pairs of these orbitals, 
forming two supplementary bonds, termed a bonds. The arrangement of 
bonds in the nitrogen molecule, which contains one 
ao and two 7 bonds is shown in Figure 19. The 
electrons forming a z bond are termed 7 electrons. 
With these bonds there is no directional property 
in the same sense that it exists in the examples 
considered in the previous section. The bond occurs 
when two orbitals from different atoms are 
parallel, since such a configuration permits the 
maximum possible overlap. As the angle between 
the orbitals increases, the exchange energy decreases 
rapidly and is a minimum when the orbitais are 
perpendicular to each other. 

Two atoms, having one s electron each, on molecule formation give a 
ao bond e.g. H, and Li, ; an s electron of one atom and a p electron or 
hybridized electron of another atom also give a o bond, as in such links 
as H—Cl, O—H, N—H and C—H; in H,O there are two, in NH, three, 
and in CH,, four o bonds. If two atoms form multiple bonds, then only 
one of these will be a o bond and the remainder 7 bonds. 

In order to study the application of the concept of o and mw bonds we 
shall consider first the double bond between the two carbon atoms in 
ethylene. In this molecule each carbon atom is surrounded by three 
atoms, two hydrogen and one carbon, with these it forms three o bonds 
using up three of its valency electrons in doing so. The remaining un- 
paired electron cannot form a second o bond between the carbon atoms 
as this would cause four electrons to be in the same quantum state, a 
condition which is forbidden by the Pauli principle. Thus the remaining 
electron pair forms a 7 bond. The maximum bonding energy of a 7 bond 
is only attained when two p orbitals are parallel to each other and hence 
the m bond in ethylene is considered to be formed from ‘ pure’, i.e. 
non-hybridized p orbitals, in contrast to the o bonds which are formed 
between hybridized orbitals. In ethylene therefore the three o bonds of 
each carbon atom are formed by three sp? hybrid orbitals similar to those 
existing in boron. The three bonds will be in one plane and will be at 
an angle of 120° to each other. The direction of the m bond formed by 
the remaining p orbitals of the carbon atoms will be perpendicular to this 
plane and will be equally above and below the plane of the o bonds. All 
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Figure 19. Arrangement of 
bonds in the nitrogen molecule 


SATURATION AND DIRECTION OF VALENCY BONDS 


six atoms of the ethylene molecule lie in one plane, since only under these 
conditions is the maximum energy of the 7 bond attained ; the bond 
arrangement is shown diagrammatically in Figure 20. In a similar way, 
the double bond in such groups as C=O and C=N 1s also composed of 
one o and one 7 bond. 


Figure 20. Arrangement of bonds Figure 21. Arrangement of 
in the ethylene molecule bonds tn the acetylene molecule 


The triple bond in acetylene, like that in nitrogen, is composed of one 
o and two 7 bonds and here also the w bonds are formed between 
electrons in non-hybridized p states. The o electrons, two to each carbon 
atom, are located in sp hybrid orbitals, formed by the linear combination 
of one s and one / wave function, as in beryllium, and the molecule is 
therefore linear. The arrangement of bonds is shown diagrammatically in 
Figure 2t. In a similar way the triple bond in the nitrile group C=N is 
composed also of one o and two 7 bonds. 

The planar configuration of ethylene and the linear structure of acetylene 
are supported by experimental data. In Table XX are given the values 
obtained by electron diffraction measurements for the valency angle of a 
series of carbon compounds containing double bonds. It will be seen that 
the values are all close to 120°. 

We thus conclude from the foregoing discussion that carbon may exist 
in three different valency states : 

1 four o bonds, directed to the corners of a tetrahedron 

2 three o bonds in one plane at an angie of 120° to each other and one 

a bond perpendicular to the plane of the o bonds 
3 two o bonds lying in a straight line and two 7 bonds perpendicular 
to the o bonds and mutually at right angles. 
The stereochemistry of the carbon compounds is determined entirely by the 
number of surrounding atoms. When there are four neighbours, the 
structure is always tetrahedral, when three it is planar and when two, 
linear. 

In classical stereochemistry the molecule of ethylene was represented as 
two tetrahedra with a common side. This view is now shown to be erro- 
neous since it suggests that the two bonds forming the double bond are 
identical, whereas, as we have seen, such a link actually consists of a o 
and a w bond. In a similar way a triple bond, as in acetylene, was 
represented as two tetrahedra with a common face. Not only is this in- 
correct in view of the fact that the bonds actually consist of one o and two 
a bonds, but it also predicts incorrect chemical behaviour. The addition 
reaction in which an acetylenic compound is transformed to an ethylenic 
compound, is represented on the classical model as a change from two 
tetrahedra with a common face to two tetrahedra with a common edge. 
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Table XX. Valency Angle of Carbon Compounds containing Double Bonds 


Molecule Valency angle Experimental | Configuration 
value 
~< a 
(CH,),C=C(CH;), C=C—C 124° yo 
C Cc 
Cc 
L 
Cc 
Cl 
COCcl, O=C—Cl 117° C=O 
Lae 
Cl 
CSC), S=C—Cl 116° C=§ 
ye 
Cl 
H 
CH,CHO C—C=0 122° CH,—C 
\ 
HCOOH O—C=0O 125° —C 
\ 
O 
o- 
A 
HCOONa O—C=O0 124° —C 
\ 
go 
NH,CH ,COOH O—C=0O 122° —C 
\ 
O—H 
COOH / 
2H,O O—C=0O 124° —C 
OOH \ 
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Such a process would always lead to the formation of the cis isomer, whereas 
itis known that treatment of acetylenedicarboxylic acid HOOCC=CCOOH 
with bromine gives dibromomaleic and dibromofumaric acids, the cis and 
trans forms respectively. The formation of the dibromofumaric acid is 
more favoured from energy considerations, since the molecule is stabilized 
by the formation of two hydrogen bonds with the bromine atoms (for 
hydrogen bond formation between the hydrogen of a carboxyl group and 
a bromine atom, see Chapter 12). 


O 
COOH Br t 
| oN GF OS 
C H C O 
I > | i | 
C O H 
| er ae 
COOH ‘ Br 

b 


The structure of allene, CH,=C=CH,, is represented diagrammatically 
in Figure 22, the o bonds of the middle carbon atom are linear, as in 
acetylene and the two vw bonds with the two other carbon atoms are 
mutually perpendicular. 


Figure 22. Arrangement of bonds in the allene molecule 


The molecules CH,=C=O and O=C=O (Figures 23 and 24) have 
analogous structures ; the absence of any dipole moment in carbon dioxide 
confirms the linear configuration. 

It will be appreciated that the angles of 120° and 180° that exist between 


Figure 23. Arrangement of bonds in Figure 24. Arrangement of bonds 
CH,=C=O in the carbon dioxwie molecule 


the valency bonds of carbon forming a double and triple bond respectively 
must now be regarded as the normal valency angles. Hitherto the classical 
theory had postulated that the normal valency angle was 109° 28’, the 
tetrahedral angle ; any marked divergence from this angle, as occurred in 
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the ethylenic and acetylenic compounds, was assumed to be accompanied 
by a strain in the molecule. This theory was applied by BAEyYerR to the 
problem of the stability of ring systems with considerable success. The 
wave mechanical treatment, however, shows that there is no strain involved 
in the formation of double and triple bonds and that valency angles of 
109° 28’, 120° and 180° are normal for the valency states of, o3a and 072? 
respectively. The decrease in the stability of ring systems in which the 
actual valency angles deviate considerably from the theoretical values for 
the particular valency state of the constituent atom, may be attributed 
entirely to the decrease in the extent of the overlapping of bonding orbitals. 
Thus a o bond is strongest when the atoms lie in the direction of the 
original » or hybrid bonds, since maximum overlapping occurs in this 
direction. Similarly 7 bonds have their maximum energy when the p 
orbitals forming the 7 bond he parallel to each other ; as the angle between 
the orbitals is increased, so the strength of the 7 bond decreases. The 
reactivity of ethylenic and acetylenic compounds, e.g. the ease of hydro- 
genation and halogenation, is explained by the fact that a am bond is less 
strong than a o bond and less energy is used in rupturing a a7 bond than 
is subsequently gained in forming the o bond, e.g. C—H. The most stable 
state of a molecule is therefore that in which the number of o bonds is a 
maximum and the greater the deviation from that state by the formation 
of + bonds the greater the reactivity of the resulting substance. 
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a) 
RESONANCE OF VALENCY STRUCTURES 


BENZENE 


KNOWLEDGE regarding the localization of valency bonds in molecules 
appears unsatisfactory in a number of cases, of which that of benzene is 
one of the most important. In the benzene molecule each carbon atom 
forms three o bonds, one with a hydrogen atom and one with each of the 
two neighbouring carbon atoms ; the bonds are arranged in one plane at 
an angle of 120° to each other. The six o bonds between carbon atoms 
lie in the same plane and form a regular hexagon. Perpendicular to the 
plane of the ring are the orbitals of the remaining # electrons of the carbon 
atoms, which form figures of eight with the loops lying above and below 
the plane of the ring. Overlapping of these orbitals leads to the formation 
of z bonds and it is possible to imagine two particular configurations, with 
a bonds existing between carbon atoms 1—2, 3—4, 5—6 and 2—3, 4—5, 


6—1 : 
i A 5 : 3 


According to the classical structural theory, the molecule should be described 
by one of these formulae. Such an assumption, however, is not in con- 
formity with the properties of an electron taking part in bond formation. 
In the case of the hydrogen molecule, we have seen in Chapter 3 that 
according to the Heitler-London theory there are two possible electronic 
configurations : first, when electron r is located at nucleus a and electron 2 
at nucleus b, and secondly, when electron 1 is at nucleus 6 and electron 2 is 
at nucleus a. There is no justification for assuming that only one of these 
two possible configurations exists since it is impossible to assign the electron 
to a particular nucleus so long as there exists a second nucleus where the 
presence of the electron is equally advantageous. Both states are equally 
probable and the superposition of these states leads, as has been shown, 
to a decrease in energy and the formation of the molecule. 

Following a similar argument for the molecule of benzene, it is impossible 
to prefer one of the two valency forms to the other since the electron of 
the first carbon atom may equally well be exchanged with that of the 
second carbon atom as with that of the sixth. Consequently both forms 
exist in the molecule and when these are superimposed there arises the 
transitional structure which possesses a lower energy th n either of the 
original states and 1s therefore more stable. Unfortunately it is impossible 
to represent this transitional structure with the use of the conventional 
valency nomenclature and it was to overcome this difficulty that the idea 
of the resonance of valency structures was introduced by SLATER? and 
PAULING?. The actual state of a benzene molecule is that in which the 
densities of the electron clouds between all the pairs of carbon atoms is 
the same. Such an arrangement cannot be represented in a formula by 
the conventional symbols of structural theory. Thus recourse is made to 
two possible formulae, neither of which independently represents the 
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actual state of the molecule, but only extreme states, in which the p electrons 
are represented as being located at certain nuclei. The molecule is then 
described as a resonance hybrid of these forms. 


It is important to stress the difference between resonance and tauto- 
merism. ‘The concept of resonance has been introduced to describe the 
delocalization of electrons ; in all the different forms of the molecule as 
represented by valence bond structures, among which resonance is said to 
occur, the configuration of the nuclei is the same. In tautomerism, on the 
other hand, the atoms are arranged in different ways and tautomeric 
changes, in which one form is changed into the other, occur as the result 
of chemical reactions. The tautomeric forms are in fact different chemical 
entities and in theory and frequently in practice, each can be isolated. 


For benzene we have considered so far only the Kekulé structures in 
which the w bonds are formed between neighbouring atoms ; such forms 
represent the greatest possible interaction of the electron clouds, since the 
distance between neighbouring carbon atoms is only 1-4 A, and will thus 
contribute more than other possible structures to the resultant state of 
the molecule. But it is necessary to consider all possible valency structures 
among which there is resonance and thus for benzene the three Dewar 
forms must be considered : 


0 oO § 


In these structures one of the a bonds occurs between atoms in the para 
position. Since the exchange energy decreases very rapidly with increase 
in distance between the nuclei, it follows that the energy of the para 7 bond 
will be small. The energy of each of the three Dewar structures is thus 
greater than that of the two Kekulé forms and hence their contribution to 
the final state of the atom is less. Nevertheless it is necessary when con- 
sidering the benzene molecule, to consider these three possible forms along 
with the structures of Kekule. 


Resonance occurs wherever one molecule can be represented by two or 
more valence bond structures. In general the resulting molecule is the 
more stable, the greater the number of possible structures. Where a 
molecule can be represented by two structures, the extent of the resonance 
between these two forms is determined by the relative energies of the two 
structures. If they are of equal energy, then their contribution to the final 
state of the molecule will be equal and the resonance will be a maximum ; 
if, however, one form has a higher energy than the other, then the former 
will contribute less to the final state of the molecule and resonance will 
be less. In the extreme case where the energy of one form is so high that 
its contribution to the state of the molecule is insignificant, resonance does 
not occur. Although there is an arbitrary element introduced into the 
concept of resonance by the choice of the various structures amongst which 
resonance occurs, it is generally a simple matter to distinguish the most 
probable forms. Only those states which have the same value for the 
total spin of the valency electrons can be considered. Thus in benzene for 
example, the total spin in each of the five structures discussed above, is zero. 
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it may be shown by quantum mechanics that the number of independent 
or canonical structures amongst which resonance can occur 1s given by, 


n! 


p14)! 


where n is the number of non-localized electrons. In benzene, besides the 
electrons forming the o bonds, which are localized, there are six 7 electrons 
and thus the number of canonical structures is : 


1.2.3.4.5.6 


1.2.3.1.2.3.4 > 


The five structures are the two Kekule and the three Dewar forms. It is 
possible, however, to construct other structures of benzene e.g. by joining 
atoms in the meta position with a 7 bond or by making all three 7 bonds 


of the Dewar type : 


These and other similar structures are not independent and for the case 
when the atoms are arranged in a ring only those structures for which 
the bonds do not cross need be considered ; all the other forms can be 
represented by resonance contributions of these structures® 4: 5, 


If the benzene nucleus were to be regarded as consisting of a system of 
three single and three double bonds between carbon atoms, the heat of 
formation of benzene would be the sum of the heats of formation of three 
C=C bonds, three C—C bonds and six C—H bonds. As we have shown, 
however, the benzene nucleus cannot be regarded as a system containing 
localized double bonds since each bond between carbon atoms is neither 
single nor double, but has an intermediate character, and the value for 
the heat of formation of the benzene nucleus is found to be approximately 
39 kcals/gm mol. greater than that calculated assuming localization of the 
double bonds®. This energy, which stabilizes the molecule, is termed the 
resonance energy. Similar results are obtained from data for the heats of 
hydrogenation. It is this resonance energy which gives to benzene its 
aromatic properties. From a thermodynamic viewpoint unsaturation of a 
compound is due to the relative instability of a double bond compared 
with two single bonds ; the resonance energy, by reducing this instability, 
gives the molecule a degree of stability approaching that of a saturated 
hydrocarbon. The distance between neighbouring atoms of carbon in a 
molecule of benzene is 1:40 A, a value which is between that in saturated 
hydrocarbons (1-54 A) and that in ethylene (1-32 A). 


The identity of all the carbon bonds in benzene are to some extent 
supported by the experimental results of LEvinE and Core’. It is well 
known that one molecule of benzene reacts with three molecules of ozone 
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to give the triozonide which on decomposition yields three molecules of 


glyoxal : o 
O CH O 
Os \ 7 & 
ve CH CH 
C) + 30; > O, C —> 
/ Vas pad CH 
Os of CH YG 
i 


Localization of the bonds in o-xylene would yield the following two forms : 


CH, CH, 
Cy hv 

fo \WA 

I I 


Ozonization of the form J would yield two molecules of methylglyoxal and 
one of glyoxal, 


CH, 
| O=CH O=CH 


CH; > |} +2 | 
: O=CH O=C—CH, 


whereas ozonization of the form // leads to the production of diacetyl and 
two molecules of glyoxal, 


Ars >? be 7 bd 


Levine and Cole established experimentally that all three products were 
formed. The significance of this work, however, must not be exaggerated 
since it does not prove unambiguously that the bonds between the carbon 
atoms are all identical ; an equally valid argument could be based on the 
assumption of the existence of two isomers having the Kekulé structures. 

The reactivity of benzene towards substituting reagents is linked with 
the fact that in the course of substitution, not only is resonance of the 
benzene ring structure preserved, but the possibility of resonance 
structures involving the substituting groups may occur. This problem will 
be discussed later. 


CONJUGATED SYSTEMS 
The partial delocalization of 7 bonds and the resulting resonance of the 
molecule permit an explanation to be made of the properties of non-cyclic 
compounds containing conjugated double bonds e.g. butadiene. The 
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configuration of the butadiene molecule has been shown by electron 
diffraction to be 


1 1-354 2 
H.C = CH 
124°\. 146A 
CH =CH, 
3 1354 4 


The distance between the central two carbon atoms, 1-46 A, is smaller 
than that between a normal single bond, 1°54 A. This observation suggests 
that the bond between carbon atoms 2 and 3 possesses some double bond 
character. The distances between atoms s and 2, and 3 and ¢ is, in both 
cases, 1-35 A which cannot be considered significantly different from the 
value of the C=C bond in ethylene, 1-32 A. The heat of formation of 
butadiene, however, is somewhat higher than the value obtained by the 
addition of the bond energies of two C=C bonds, one GC—C bond and 
six C—H bonds. This evidence shows that the molecule is stabilized by 
resonance between two or more structures. 

The anomalous behaviour of butadiene on halogenation has been 
recognized for some time. It would be expected that the addition of 
bromine across one of the double bonds would produce only the molecule 
CH,Br-CHBr-CH=CH,. However, in addition to the 1,2-dibromo, 
compound there is a considerable yield of the 1,4-dibromo compound 
CH,Br—CH =CH—CH,Br, which contains a double bond in the 2,3 
position. In order to explain this behaviour, THIELE proposed a theory 
of partial valencies. In this theory the second link in a double bond does 
not fully neutralize the affinity of the two carbon atoms so that they are 
left with a ‘ residual affinity’. In a system of alternate double and single 
bonds, the residual affinities of the inner atoms combine across the single 
bonds whilst those of the outer atoms remain free to attract other atoms. 
Thiele’s formula for butadiene was therefore 


CH,=CH—CH=CH, 


where the dotted lines represent the partial valencies. The nature of the 
partial valencies remained obscure until the development of the wave 
mechanical theory of valency which explains the behaviour in the following 
way. The 7 bonds between carbon atoms : and 2, and 3 and ¢ are not 
considered to be completely localized and as ir benzene, electron exchange 
between atoms 2 and 3 and 7 and ¢ is possible. Thus we may write two 
structures for butadiene 


I 
CH,—CH=CH—CH, 
| 


IT 


The second structure will have a higher energy than the first because of 
the much reduced interaction between the electrons of atoms 7 and 4, and 
therefore contributes less to the final state of the butadiene molecule than 
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the first structure, nevertheless resonance between the two structures does 
result in a small increased stability of the molecule. The carbon atoms 
1 and 4 are incompletely saturated since in the second structure the bonding 
between them is very weak (the distance is 2°8 A in the cis and 3:°5A in 
the trans configuration). This nonsaturation of atoms s and 4 explains their 
reactivity. 

cyclo-Butadiene has not been isolated, presumably because thede forma- 
tion of the valency angles from 120° to go° produces a greater loss of 
stability than can be overcome by the resonance of the resulting molecule. 

cyclo-Octatraene does not possess aromatic properties, 


CH—CH 
\ 
CH CH 
| 
CH CH 
\ 4 
CH—CH 


and recent x-ray studies® have shown that the molecule is not flat and that 
the bond lengths in the molecule are not equal, being 1:34 A for the double 
bond and 1-54A for the single bond, values which are almost identical 
with those for bonds in aliphatic compounds. It has therefore been con- 
cluded that in agreement with the thermochemical data, the molecule is 
not stabilized by resonance. 


NAPHTHALENE 


The characteristic chemical properties of naphthalene which have to be 

explained may be enumerated as follows : 

a The reactions of naphthalene show it to be less aromatic t.e. more un- 
saturated than benzene. Thus naphthalene is more easily oxidized and 
reduced, and substitution reactions occur much more readily, particularly 
in the a—position, than in benzene. 

6 Hydrogenation takes place more readily with naphthalene than with 
benzene. This fact is well illustrated by the reaction of dihydro-benzene 
with naphthalene resulting in the oxidation of the dihydro-benzene to 
benzene, the formation of dihydronaphthalene and the liberation of 
energy in the form of heat, 


Oo CO- 0+ oo 


¢ The various stages in the hydrogenation process are well defined ; the 
1,4-dihydronaphthalene is produced first, but as this is not one of the 
more stable forms, an exothermic molecular rearrangement occurs with 
the formation of 1, 2-dihydronaphthalene : 


OO m= (CY) + CO” 
y= 3 \ 
H, 


Further hydrogenation gives tetralin, 1,2,3,4-tetrahydronaphthalene, a 
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process which takes place easily and rapidly. The hydrogenation of the 

second ring to produce decalin, takes place less easily and more slowly. 

d The substitution reactions of naphthalene, even in the case of the for- 
mation of monosubstituted derivatives, are complex. Substitution in the 
a-position is most common, e.g. in sulphonation and nitration, but a 
complicating factor is introduced by changes in the relative magnitude 
of the energy of activation for substitution reactions in the a- and B- 
positions with variation of temperature. Thus at high temperatures the 
energy of activation for the sulphonation reaction producing 8-naphtha- 
lene sulphonic acid is lower than that for the a-derivative. The equi- 
librium mixture for the £-derivative is therefore formed first and this 
form predominates in the product. At lower temperatures (80° C), the 
energy of activation of the reaction forming the a-derivative is less than 
for the B-derivative and hence a-naphthalene sulphonic acid predominates 
in the reaction product. 

e There are indications of inequality in the properties of the various bonds. 
Thus although the 1,2-disubstitution products are well known, no 
2,3-disubstitution products have as yet been isolated. 

{ The formation of molecular compounds occurs more readily with 
naphthalene than with benzene ; this may be attributed to the greater 
unsaturation of naphthalene compared with benzene. 

It is not possible at the present time to give an exhaustive explanation 
of all the properties of naphthalene and its derivatives. However, the 
application of quantum mechanics does enable certain empirical rules to 
be explained theoretically. In order to do this there is no need to reject 
the Erlenmeyer formula for naphthalene, but only to consider the additional 
properties due to the resonance in the two six membered rings. 

Naphthalene contains 1o electrons capable of forming 7 bonds and 
therefore the number of structures which contribute to the final state of 
the molecule is : 

10! 
sf 61 — # 

The arrangement of the valency bonds in the various canonical structures 
is determined by the same rule as for benzene. The atoms are distributed 
symmetrically in a circle and joined by all possible ways without the 
crossing of the valence bonds‘ *®. The full number of independent 
structures, corresponding to the total number of canonical structures, is 
then obtained. 

If the naphthalene rings are numbered in the customary manner and 
are rearranged in the same order in a circle vz, 


aa 7 : 
KA : 6 3 
5 4 
9 


then by uniting the atoms in the manner shown in the diagram we obtain 
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Table XXI, Canonical Structure of Naphthalene 
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the original Erlenmeyer formula. In a similar way it is possible to work out 


4 
> 9 

all the remaining structures and all 42 canonical structures are given in 

Table XXI. Although in this table there are formulae with intersecting 

valency bonds, if the formulae are drawn out in the circular form it is 

found that no intersections occur, e.g. in structure XLJJ the bonds are 

between atoms 1—10, 2—8, 3—7, 4—6, and 5—9 and when represented 


in the circular form we have : 10 
I 


5 4 
9 

Let us consider the first three structures (J, JJ and I/J in Table XXT) in 
which the 7 bonds are only between neighbouring carbon atoms. These 
structures which may be referred to as the Kekulé structures, will con- 
tribute more to the final state of the molecule than other forms because 
of the greater energy of the 7 bonds. Since these three structures will 
contribute equally to the resultant molecule, the 1—2 bond possesses two 
thirds double bond character, whereas the 2—3 bond possesses only one 
third double bond character. Thus the lack of equality of the bonds in 
naphthalene is explained. Furthermore, SHERMAN has shown that the 
symmetrical structure J makes a greater contribution to the resultant 
molecule than do the structures JJ and JJJ. This will cause a further 
increase of the double bond character of the 1—2 bond and a reduction 
of the double bond character of the 2—3 bond. 

Let us now consider those formulae containing four 7 bonds between 
adjacent carbon atoms and one elongated a bond (structures JV to XIX in 
Table.XXI). Of these structures eight are of the Dewar type where the 
distance between the carbon atoms is 2-8 A (structures JV to XJ), four 
contain a bond between carbon atoms 3-61 A apart (structures X/I to XV), 
two contain a bond between carbon atoms 3:65 A apart (structures XVI and 
XVII) and there are two with a distance of 5 A between the carbon atoms 
(structures XVIIJ and XIX). The strength of the 7 bonds decreases con- 
siderably with the increase of distance and when this becomes as much as 
5 A (as in structures XVIII and XIX) the resulting bond contributes very 
little energy to the stability of the molecule. 

In each of the structures XX to XXXVIII, there are three normal 7 
bonds between neighbouring carbon atoms and two between carbon atoms 
at greater distances, whereas in structures XXXIX to XLII there are two 
normal and three long 7 bonds. The contribution of these structures to 

Bg 


THE STRUCTURE OF MOLECULES 


the molecule is small and therefore we may regard only the first nineteen 
structures as significant. In each of structures JV, V, X, XI, XVI and 
XVII there occurs two unsaturated a positions, since in each case two 
a positions are joined by a a bond of length > 2-8A and such a bond is so 
weak that the constituent carbon atoms may be regarded as being almost 
trivalent in character in those valence bond structures. Structures X// to 
XV each have one a and one 8 unsaturated carbon atom, structures V/ to 
IX each have one f carbon atom unsaturated and structures XVIII and 
XIX two unsaturated B carbon atoms each. Thus the valency of the a 
position is not saturated in sixteen cases, compared with twelve for the B 
position. This conception of the relative unsaturated valency of the a and 
B positions leads to an explanation of the fact that substitution occurs 
more easily in the a than in the f position. A more detailed calculation?®, 
taking into consideration all the forty two structures, shows that the quan- 
tum weights of the nonsaturated a and f positions in naphthalene are in 
the ratio 2:1. 

The behaviour of naphthalene on hydrogenation may now be explained. 
The addition of two atoms of hydrogen occurs at the a positions of one 
ring leading to the formation of 1,4-dihydronaphthalene. Since the a 
positions are the least saturated, the energy of activation for the reaction 
with hydrogen at these positions will be less than at any other positions 
and hence it would be expected that the 1,4 compound would be obtained 
first. This molecule, 


H, 


Hy 


possesses a fixed double bond in the 2—3 position which cannot participate 
in the resonance of the molecule since the 1 and 4 carbon atoms are fully 
saturated, each taking part in four o bonds. Although the formation of 
1: 4-dihydronaphthalene takes place more rapidly than hydrogenation in 
other positions, this does not necessarily infer that the 1,4-disubstituted 
molecule is the most stable modification and 1,2-dihydronaphthalene is 
found to be more stable than the 1,4-compound by virtue of the resonance 
that can occur in the partially hydrogenated ring : 


H, H, 


OC H, H, 


Therefore the rearrangement of the dihydrogenated naphthalene from the 
1,4-compound to the 1,2-compound is thermodynamically favourable 
and does in fact occur. 

Complete hydrogenation of one ring occurs first, since only by so doing 
can the resonance of the second ring be preserved. If the four hydrogen 
atoms were distributed throughout both rings, e.g. two in each, the 
remaining double bonds would either become localized or the number of 
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effective structures would be reduced. It is particularly interesting to note 
that when two molecules of 1,4-dihydronaphthalene react together, one 
molecule of naphthalene and one of tetralin are produced, the reaction 
being accompanied by the liberation of energy (4H = — 30 kcals/gm mol). 
The reason for this behaviour is that although the total number of single 
and double bonds remain the same, we have replaced two molecules in 
which resonance only occurs in one ring in each molecule, by a molecule 
of naphthalene which is greatly stabilized by resonance, and one molecule 
in which resonance occurs in one ring : 


CY + OY - CO + OO: 


Hence the reaction may be regarded as a transfer from a benzene resonating 
system to a naphthalene and a benzene resonating system, with a corre- 
sponding increase in stability. 


OTHER AROMATIC HYDROCARBONS 


Certain other aromatic hydrocarbons will now be considered briefly. 
Anthracene is less aromatic than naphthalene. There are fourteen elec- 
trons available for the formation of a bonds and so the full number of 
14 ! 
7! 8! 
however, are the following. Four Kekulé structures (J to JV) 


COO OO ~ 
VA, \4 VAS \/\4\4 
I Il Il 
es \ 
LAAS 
IV 


and fourteen Dewar type structures V to XI 


CV CRCCUMUCE 


Sour structures three structures three structures 
V VI VII 


canonical structures will be = 429. The most significant structures, 
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SOO. GOO. COP 


one structure one Structure one Structure 
VIL IX X 
one Structure 
Al 


With the aid of these structures we may obtain an approximate evaluation 
of the relative unsaturation of the various atoms. This 1s shown in XJ where 
the figures represent the number of valence bond structures in which a 
particular carbon atom is involved in a Dewar type bond 


4 Hi, 
1 1 
1 1 
Hy 
XII AIT 


The 9 and 10 positions are the most unsaturated and hydrogenation leads 
to the formation of 9, 10-dihydroanthracene. Not only is the energy of 
activation for the hydrogenation reaction reduced by the increased un- 
saturation of the 9 and 10 carbon atoms, but the resulting molecule possesses 
considerable resonance energy by virtue of the two benzene rings and 
represents the most stable isomer of dihydroanthracene. 


The higher reactivity of anthracene compared with naphthalene, as 
shown by the greater ease of hydrogenation, is directly related to the fact 
that the Dewar structures containing one long w bond contribute more to 
the final state of the molecule in anthracene than in naphthalene. Thus 
taking the Kekulé and Dewar structures for naphthalene J to XJ, Table XXI, 
the relative unsaturation figures, comparable with those given in XJ are : 


XIV 


Naphthacene (XV) has five Kekulé structures and Dewar structures with 
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one Jong z bond play an even greater part in the reactivity of the molecule 
than in anthracene. This applies to even a greater degree 


$909 me 666646 


AVI 
to 2, 3, 6, 7-dibenzanthracene (pentacene, XVJ) in which the addition of 
hydrogen atoms in the para positions in the central ring does not prevent 
resonance in the two adjacent naphthalene ring systems, XVII. 


Hy 


QOQO 


H 2 
XVII 


For the hydrocarbons so far considered, which consist of benzene rings 
connected linearly, the number of Kekulé structures is one more than the 
number of rings. ‘Thus in benzene it is two, naphthalene three, anthracene 
four, naphthacene five and dibenzanthracene six. The number of structures 
with elongated az bonds, however, increases considerably as the number of 
benzene rings in the molecule is increased and it is this fact that is responsible 
for the gradual increase in reactivity with the size of the molecule. 

A non-linear arrangement of three benzene rings occurs in phenanthrene 
(XVII) 


9__10 
sY SA 
7 2 
63 43 
XVII 


In this molecule five Kekulé structures occur : 


ae $27 > 
Ire \ rap \ 
Se ¢ ><> ee A 2 
ALX AX XAXI 
\ 
< S> 
~ \% 4 


AXIT AX 


It will be noticed that in four of the five structures the link between carbon 
atoms g and 10 is double; these atoms are therefore the most reactive. 
Hydrogenation produces g, 10-dihydrophenanthrene XXIV. ‘This com- 


H, H, 
H, 
H, 
H, H, 
AXIV XXV 
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pound is also the most stable of the various possible dihydro derivatives, 
since the resonance of the adjacent benzene rings is unaffected. Further 
hydrogenation gives 1,2, 3,4-tetrahydrophenanthrene XXV ; the formation 
of this molecule evidently involves the migration of the hydrogen atoms at 
the g, 10 positions into the side ring. It is clear that this tetrahydrophenan- 
threne is more stable than any other configuration since it does not 
interfere with the resonance of the remaining naphthalene ring. If there 
were no migration and for example, the 1, 2, 9, 10-tetrahydrophenanthrene 
XXVI were obtained, the resonance 


H, H, 

Hi, 
ce One. 
XXVI devin? 


energy, which is the same as for 2- siete would be less by 
about 30 kcals, than that of the 1,2,3,4-tetrahydrophenanthrene, XXV. 
Further hydrogenation produces ‘octahydrophenanthrene (octanthrene 
XXVII) in which the central benzene ring still possesses non-localized 
bonds and its resonance therefore stabilizes the molecule. 

Until relatively recent times there has been a controversy concerning the 
validity of one or other of the formulae for the hydrocarbons described 
above. ‘Thus structures for naphthalene have been proposed by ERLEN- 
MEYER, SCHERRER, HARRIES and WILLSTATTER, BAMBERG and _ others. 
However it is now clear that such arguments are pointless since all such 
formulae represent possible structures which contribute to the ultimate state 
of the molecule. What is of importance, as we have seen, is the weight of 
the various contributions, since it is this which determines the chemical 
reactivity of the molecule. 

In addition to the Kekulé and Dewar structures in the separate benzene 
rings, diphenyl possesses additional structures with @ bonds between the 


rings = _ = 
<2 neae 


AXVILL XXIX 
Such structures are only possible if both rings lie in one plane, when the 
figures of eight of all the w electrons are parallel. x-ray data suggests 
that this is so!!, but it has not been confirmed by more recent electron 
diffraction measurements?®. 
Hydrocarbons of the type 


XX XXX! 
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may also apparently have resonance structures of the same type as diphenyl, 
but owing to steric hindrance due to repulsion between the hydrogen 
atoms, the various ring systems cannot lie in the same plane. For this 
reason contributions to the resonance of the molecule from structures of 
the diphenyl type cannot occur!3. 


FREE RADICALS 


The discovery of triphenylmethyl by GomBERG in 1900 was most unexpected. 
It had been anticipated that hexaphenylethane would be a stable, un- 
reactive compound, but Gomberg found that it could be isolated only by 
treating triphenylmethyl bromide with silver powder in the complete 
absence of air. Solutions of hexaphenylethane reacted rapidly with several 
reagents e.g. oxygen, iodine and nitric oxide and the conclusion that the 
hexaphenylethane dissociated into triphenylmethyl radicals was confirmed 
by molecular weight determinations. Since the tetravalency of carbon had 
at that time been fully established it is not surprising therefore, that the idea 
of trivalent carbon was difficult to accept. However, other free radicals 
were discovered and it became established that in addition to trivalent 
carbon they could involve divalent nitrogen, and monovalent oxygen and 
sulphur. The common characteristic of all free radicals is the existence 
in the molecule of one unpaired electron, this causes the well known 
paramagnetic properties of all monoradicals. 

The formation of free radicals cannot be explained on the basis of 
classical valency theory ; the stability of these molecules may however, be 
adequately explained by the quantum theory of valency. Ethane does not 
under normal circumstances dissociate into two methyl radicals. The 
reaction : 

H,C—CH, —— 2CH, 

only takes place with the absorption of 82-6 kcals z.e. it is strongly endo- 
thermic (the dot over the carbon atom represents the unpaired electron). 
This fact is not surprising since it is a stable single bond between two 
carbon atoms which is being broken. In order to explain how the disso- 
ciation energy required to break a molecule into free radicals may be 
lowered we shall consider first the molecule of dibenzyl. On dissociation, 
two free radicals are obtained : 


and in each of these a trivalent carbon occurs. However, it is clear that 
the unsaturated carbon atom need not necessarily be that of the CH, 


group, /, but may also be that of the para and ortho carbon atoms of the 
benzene ring, //, [J and IV 


os Fre ae ae a 
< >—CH, ¢ _>=CH, C DnHs ¢ _>=cH, 
I Il Ul lV 


Thus in the free radical several valency bond structures are possible in 
addition to the normal resonance structures of benzene which are still 
present in /, and resonance amongst all these states will lead to an increase 
in the stability of the free radical. Consequently, for the dissociation of 
dibenzyl less energy is required than for the dissociation of ethane because 
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of the stabilization of the resulting free radicals by resonance. Thus in 
the molecule of dibenzyl, the link between the two CH, groups is weaker 
than in ethane and the bond between the phenyl! carbon atom and the 
CH, group should be stronger in view of its partial double bond character. 
The x-ray data confirms this conclusion by showing that the CH,—CH, 
distance is 1:58 A as compared with 1°54 A in ethane and the C,H,—CH, 
distance is 1-47. An increase in an interatomic distance represents a 
weakening, and a decrease a strengthening, of the bond. 

The dissociation of hexaphenylethane leads to the formation of two 
triphenylmethyl radicals. With the central carbon atom in the trivalent 
state eight Kekulé structures are possible ; the nine carbon atoms in the 
ortho and para positions in the three rings may also be in a trivalent state 
and thus in all, 36 valence bond structures are possible for the free radical. 
As a result of the resonance among these structures there is a gain in 
energy of the free radical by 50 kcals, with the result that the dissociation 
energy of hexaphenylethane is as low as 11-12 kcals. 

In the hexaphenylethane molecule the valence bonds of the two ethane 
carbon atoms are tetrahedral, but during the dissociation this configuration 
is replaced by the planar configuration which is present in the free radical. 
The planar structure may, however, be slightly distorted owing to the 
repulsion of the ortho hydrogen atoms of the benzene rings. 

When hexa-diphenylethane [(C,H;—C,H;), C—C (C,H;—C,H;) 5] dis- 
sociates into two tri-diphenylmethy! radicals, “each radical contains nineteen 
carbon atoms which may exist in the trivalent state : the central carbon 
atom and the ortho and para atoms of each ring. A very large number of 
valence bond structures is therefore possible with this radical, giving to it 
a considerable stability, thus explaining the great ease with which hexa- 
diphenylethane dissociates into free radicals. 


Table XXII. Degree of Dissociation into Free Radicals 


Dissociation Temperature Concentration 
Free radical formed per cent 2 

Triphenylmethyl .. ag a 28 
Diphenylyl-p—tolylmethy l.. 5 ay 5 
(oudiphausiyl)dephenstmethyl ie oe 12‘8—14'1 
(m-diphenylyl)—diphenylmethyl .. 2 11°4—12°0 
Diphenyl—o-tolylmethyl  .. Ss i 25 
Diphenyl-B-naphthylmethyl 5% 6 
Diphenyl-a-naphthylmethyl i es 27 
Phenyl-di-(p-diphenylyl) methyl .. oe 18 
Tri-(p-diphenylyl) methyl “ 26 
Tri-(m—diphenylyl) methyl es 60 
Di-B-naphthylphenylmethyl . 13 
Tri-B—naphthylmethy! ; =. 

a-naphthyl-(p—dipherylyl ‘ siapnaelbils 54 


In Table XXII the degrees of dissociation of a series of substances are 
given. The extent of dissociation is dependent on the temperature, con- 
centration and on other conditions. 
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The formation of a free radical possessing only one carbon atom which 
can exist in the trivalent state e.g. the formation of a methyl radical from 
ethane, docs not take place to any great extent at normal temperatures. 
This is due to the fact that since the free radical ts not stabilized by 
resonance, it can only be formed by a strongly endothermic reaction. 
Those molecules which readily dissociate to form free radicals do so because 
the dissociation energy has been reduced by the increased stability of the 
resulting free radicals, due to resonance among several valence bond 
structures. If in the free radical the single unpaired electron is localized 
at one carbon atom, as in *CHg, then such a free radical is extremely 
reactive, but if the unpaired electron is shared among several carbon atoms 
e.g. in tri-diphenylmethyl, where ninetcen different positions are possible, 
the reactivity is decreased. As is to be expected in a molecule possessing 
an unpaired electron, the electron affinity of free radicals is high, that of 
triphenylmethyl being 48+ 5 kcals!4. 

Following the same general argument used above to explain the 
dissociation of various arylethanes, an understanding may be obtained for 
the relative stability of free radicals compared with free atoms, e.g. nitrogen 
and oxygen, containing unpaired electrons. ‘Tetraphenylhydrazine dis- 
sociates to some extent into two molecules of diphenyl nitrogen : 


pat is x y-N< > 


The unpaired electron, however, is shared with six carbon atoms, since 


resonance amongst the seven structures represented by V, VJ, VII and 
VIUIT occurs. 


Conk > Orr} 


two structures two structures 


VII 
Pg 
two structures 
VIII 

Thus the nitrogen atom cannot be regarded as divalent since if the con- 
tribution of the structures V to VIII is equivalent, the proportion of 
divalent character is only one seventh. Similar reasoning applies to free 
radicals containing oxygen, e.g. the g-methoxy—10—phenanthroxy radical 
[X, e 


CH,O O CH,O oO CH,O O 
— Z \ 
\ = 4 
1X x Xl 
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CH,O O CH,O O 
sh 


XV AVI 


In this molecule the possibility of resonance with structures containing 
trivalent carbon stabilizes the molecule and reduces the reactivity of the 
free radical. 


BI-RADICALS 


Molecules containing two trivalent carbon atoms occur in compounds such 
as the meta derivatives of diphenyl, e.g. XVII, which cannot form a quino- 
noid structure in the same way as the corresponding para derivative XVIII 
in which all the carbon atoms are quadrivalent. Magnetic studies of the 
dimeric form of XVII shows it to be paramagnetic thus confirming the 
existence of the bi-radical. 


C.H;)2C* ‘C(C,H; 
( 6 5)2 XVI ( 6 s)e 


(CoH) C= KCC Hs) 


AVI 
The case of Cu1cH1BaBin’s hydrocarbon (CgH;).°C-C,H,—C,H,-C-(C,H;), 
is somewhat more complicated. This hydrocarbon is deeply coloured and 
readily reacts with oxygen and for these reasons the suggestion was made 
that it may exist in the form of the bi-radical XZX, 


(C,H 5) c< >< >-¢ (C,H 5) 2 
XIX 


rather than in the quinonoid form XVIII. 

The latter structure XX represents the molecule in a triplet (paramagnetic) 
state, whereas the former XVIII represents a singlet (diamagnetic) state. 
These two statcs cannot resonate with each other, since the total spin 
moment is different in the two cases, and one state represents the ground 
state and the other an excited state of the molecule. Magnetic studies 
show that Chichibabin’s hydrocarbon its diamagnetic and hence it follows 
that the ground state of the molecule is the singlet state XVIII and that 
the energy of excitation to the triplet state XZX, must be large enough to 
prevent the number of excited molecules in equilibrium with the ground 
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state being significant at the temperature of the magnetic measurements. 
If the number of benzene rings is increased, as in XX, 


(CoH) 20—X SK CIC 
XX 


the energy of excitation to the triplet state is reduced and at equilibrium 
the concentration of the triplet (paramagnetic) state is sufficient to be 
detected by magnetic measurements. 

If the coplanar configuration of the two central benzene rings in XVIII 
is made impossible by introducing substituent groups into the ortho positions, 
as in XA] 

Cl 


Cl 
(CH,) ES -aee 
] 


Cl C 

AXTI 

the quinonoid structure becomes impossible, and the molecule in the ground 
state is a true bi-radical. 
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RESONANCE OF COVALENT AND 
IONIC STATES 


THE IONIC (HETEROPOLAR) BOND 


In CHAPTER 3 the covalent bond has been discussed and the question 
now arises whether this is the only possible type of bond between atoms. 
Let us consider the gaseous molecule of sodium chloride. The sodium and 
chlorine atoms each have one unpaired electron, 3s in sodium and 3 in 
chlorine, so that in principle the formation of a covalent bond is possible. 
The calculation of bond energies presents considerable difficulties even in 
a simple molecule such as hydrogen and the calculation for more com- 
plicated molecules is impossible except by an approximate method such as 
that introduced by Pautinc!. In this method, it is assumed that the 
energy of the covalent bond A—B, is equal to one half of the sum of the 
bond energies of the homopolar molecules A—A and B—B, z.e. 

Fy—s= } (Eu, + Es_s) ...-(6.1) 
The bond A—A, e.g. Na—Na in the molecule Na,, and the bond B—B, 
e.g. CI—Cl in Cl, are formed by the interaction of two electrons from 
different atoms, both electrons participating in the formation of the bond 
to the same degree. According to the method of Pauling, one half of the 
energy of the bond is apportioned to each electron, and each electron of 
the atoms A and B contribute the same energy to the molecule AB, as to 
the molecules AA and BB. 

A theoretical proof of this method of calculating bond energies cannot 
be made and its validity can only be tested by its application to specific 
cases where calculated and observed values of the bond energies may be 
compared. A convenient series of molecules for this purpose is the inter- 
halogen compounds, since because of the similarity of the properties of 
the halogen atoms, the bonds will be largely covalent. For a similar 
reason, molecules formed between alkali metal atoms may also be con- 
sidered. The energies of the bonds in the molecules BrCl, ICl, IBr and 
NaK are shown in Table XXIII. The values of the bond energies of Cl,, 
Br,, I,, Na, and K, used in deriving the calculated value were 57, 45, 35; 
17 and 12 kcals respectively. The agreement between the calculated and 
experimental values is good and we may 
therefore conclude that for bonds which 
are highly covalent in character, the 


Table XXIII. Calculation of Bond Energies 
(Pauling) 


Molecule —: Ecalc. |Evobserved method of Pauling gives satisfactory 
keals | keals results. 

Bc] | 7 _— If this method of calculation is now 

ICI ! 46 | 49 applied to molecules such as NaCl, LiF 

IBr 40 | 42 and KBr, we find considerable dis- 

Nak | 145 | 145  crepancies between the calculated and 


Tne experimental values. Thus for sodium 
chloride the bond energy of the covalent bond will be : 


8 (Ex. + Eo) = $ (17 + 57) = 37 kcals 
a value in very poor agreement with the experimental! value of 98 kcals 
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obtained from spectroscopic data. It is therefore concluded that the bond 
in the sodium chloride molecule is not covalent. 

The bond energy may also be calculated on the assurnption that the 
molecule is ionic and that the bond energy is due entirely to the electro- 
static interaction of the ions. ‘The energy value £ which is to be calculated 
is that of the formation of the ionic molecule NatCl~ from atoms, 1.e. 


Na + Cl-> NatCl-,, + £ 


The transformation of a sodium atom into a sodium ion requires the 
absorption of an amount of energy /, equal to the ionization potential, te. 


Nays > Nat +e—T/ 


where J = 118 kcals. The electron is acquired by the chlorine atom and 
an ameunt of energy equivalent to the electron affinity of chlorine is 
liberated, 1.e. 
Cl+e->Ccl--+F 

where F = 86 kcals. 

The Coulombic attraction of two ions of opposite unit charge situated a 
distance r apart is given by : 

| ee al sie (0.2) 

It will be assumed that the ions are non-distorted ; the problem of polar- 
ization will be discussed later. In addition to the attraction between the 
ions there will be a repulsion caused by the completed electronic shells of 
the sodium and chloride ions. The transfer of paired electrons, as we have 
seen in Chapter 3, leads to a repulsion energy. Exact calculation of this 
energy is difficult but it may be done by an approximate method. The 
error involved does not significantly affect the result, as the repulsion 
energy is small in comparison with the energy of attraction. In Chapter 3 
it was shown that the exchange energy of repulsion decreased exponentially 
with the distance between the atoms : 


E, = A exp (— ar) ....(6.3) 
where A and a are constants. It is possible to replace this function by a 
simpler one by assuming that the energy of repulsion, since it falls off very 


rapidly with increase of distance, is inversely proportional to a high power 
of r, tue. 


Eo == B/r .... (6.4) 
The error involved in making this approximation amounts to only a few 
kcals for the sodium chloride molecule. This is negligible for our present 
purpose. The total energy of interaction of the ions is then given by, 
B’=E, +f, = — er + Bir .... (6.5) 
Since the molecule formed is stable, it follows that at a particular value of 
r, E’ will be a minimum. Hence we may write : 
dE’ é nB 
dr To = roth — 0 eee . (6.6) 
where ry represents the interatomic distance at equilibrium. 
From equation 6.6 it follows that 


e* nB 
rot git waa OL7) 
and hence, 
B= e*79-'n ...- (6.8) 
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Substitution of this value of B in equation 6.5 gives : 


ee ee 
E — To (2 n ) eee 8@ (6.9) 
and hence the bond energy of the ionic molecule NatCl™ is given by, 
: 1 
E=-I+F4+5 (1 =) ».. (6.10) 
ro n 


The value of n in equation 6.10 is approximately 9, and calculation of £ 
gives the value as 85 kcals. This value is much closer to the experimental 
value of 98 kcals than was the value obtained assuming that the bond was 
covalent. Values for a series of alkali halide molecules are given in Table 
XXIV and it is seen that in every case the bond energy, calculated for an 
ionic type of bond, is much closer to the observed value than that calculated 
on the assumption of a covalent bond. This conclusion is also supported 
indirectly by the values of the interatomic distances of these molecules, all 
of which are larger than would be expected if the molecules were covalent. 
All the interatomic distances given in Table XXIV are above 2-5 A and 
there is no known instance of a homopolar bond having an energy of the 
order of 80 to 100 kcals at such a distance. 

It is thus apparent that there are two different types of bond, the 
homopolar or covalent and the ionic. In the former the main contribution 
to the bond energy is due to the quantum mechanical exchange phenomena 

Table XXIV, Bond Energies of Alkali Halides ee peeensas oe 

| Bond Energy tween the ions. In 
keals 

molecules such as Hh, 


: et 
Internuclear | Cavalent bond Tonic ene 
Molecule | ns | according to | accordin Experimental N,, Cl,, Nag, IBr and 
| | Pauling’s equation equation values NaK the bond may be 
NaCl ! 251 | 37 | = 98 regarded as covalent, 
Nal | 2:90 26 59 73 but in molecules formed 
bales | 2°79 34 | a 104 =~ from atoms of widely 
KBr | 2-94 28 | Bs, 9: differing electronegati- 
KI ; 3°23 24 | 68 77 : LiCl. N C] 
RbCl | 2°89 34 91 101 vity, ¢é.g. 1U1, aul, 
Bre See 28 | 84 9 NaBr, KI, the bond is 
RbI ; 326} 2 70 76 almost entirely ionic. 
CsCl 3°06 | 33 | 93 103 Cc : fl y, 
CsBr | ne ce ! 89 93 aesium fluoride pre- 
a fe ee eee ee 82 sents a special case 


however, since the 
electron affinity of fluorine (95 kcals) is greater than the ionization potential 
of caesium (89 kcals) so that in the change of caesium and fluorine atoms 
into ions, a small liberation of energy, amounting to 6 kcals, occurs. 

Apart from the difference in the bond energy, other criteria, both direct 
and indirect, exist between the two different types of bond. Tonic molecules 
in the solid state form an ionic crystal lattice which is characteristic for the 
particular molecule. In such a lattice, each ion is surrounded by ions of 
opposite charge at equal distances from the central ion and individual 
molecules cease to exist. The number of ions packed round the central ion 
is limited by the size of the ions, the attraction and repulsion energies 
between the ions and other factors. The links of the central ion with its 
nearest neighbours are all of the same strength and the number of such 
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nearest neighbours is not controlled in any way by the valency of the 
central atom. Covalent substances in the solid state form molecular 
lattices, formed by packing the molecules together to produce the most 
stable structure. “Vhe forces holding the molecules together in the crystal 
lattice are van der Waal’s forces, which are weak and diminish rapidly 
with distance from the molecule. \WWhen an ionic compound passes from 
the solid to the gaseous state, 1onic bonds are broken and the heat of subli- 
mation of ionic crystals is therefore very high; for salts of the sodium 
chloride type the value is between 50 and 60 kcals. For molecular com- 
pounds, the heat of sublimation is much lower, about 10 kcals, because the 
farces being overcome are very much weaker. For the same reason ionic 
compounds melt at high temperatures whereas typical simple homopolar 
substances, such as H,, Cl, and Ng, are gaseous at room temperature. 

The dissociation of gaseous molecules into ions and the process of 
electrolytic dissociation in water also frequently suggest the ionic character 
of a bond. Each case must, however, be examined carefully as exceptions 
occur. Thus although hydrogen chloride dissolves in water to form 
hydrogen and chloride tons, it is not an ionic molecule ; owing to the 
affinity of the water molecule for a proton (180 kcals), a chemical reaction 
takes place between a molecule of hydrogen chloride and a molecule of 
water with the formation of hydrogen H,O+ and chloride Cl ions. In 
the same way it is not always correct to determine the nature of a chemical 
bond by the products of dissociation of the gaseous molecules, 1.e. whether 
it dissociates into atoms or ions. Instances are known where at distances 
of 2 to 3A, the energy of the heteropolar bond is greater than that of the 
covalent bond and the link is primarily ionic, but that at greater distances 
the electrostatic interaction is small and does not compensate for the 
difference between the ionization potential and electron affinity of the two 
atoms ; because of this possibility, an ionic molecule may dissociate into 
atoms. 

The nature of the bond in a molecule will determine whether or not 
there 1s a permanent electric dipole moment. An electric dipole exists 
wherever the centres of gravity of the positive and negative charges in a 
molecule are at different points. The magnitude ofthis dipole is measured 
in terms of the dipole moment p defined by 


p= er .... (6.11) 


where ¢ represents the charge, positive and negative, on the two parts of 
the molecule and r is the distance between the centres of charge. In a 
true covalent molecule the dipole 745), xxv, Dipole Moments of Ionic Molecules 
moment is zero ; polarization of a 
covalent molecule occurs, however, 
whenever it 1s placed inan electric 
field, but the resulting dipole is ——— 
induced and is not a permanent KCl | 80 
property of the molecule in the a (9°07 
absence of an applied field. On iad 
the other hand, an ionic molecule 

is strongly polar ; in the limiting case, the positive and negative charges 
are focused at the centres of the ions. Under these conditions, the dipole 
moment will have a valuc of g to 12 xX 107}8 e.s.u, since the electronic 
charge 1s approximately 4:8 x 107!%e.s.u and the interionic distance 
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between 2 and 3A. This value is in agreement with the experimental 
data (Table XXV) determined by the molecular beam method. 


BONDS OF INTERMEDIATE TYPE 


In a very large number of compounds the chemical bond cannot be con- 
sidered as purely ionic or purely covalent ; the dipole moments of such 
bonds are greater than zero but considerably less than the values given 
in Table XXV. Typical examples of such bonds are HF, HCl, HBr, 
HI, NH, OH, CCl etc. If the experimental values for the bond energies 
of the hydrogen halides are compared with those calculated by the 
Pauling’s method it is found (Table XXVI) that for HI the calculated 
value is greater than the experimental. Such a result is clearly im- 
possible since, because of resonance which was not taken into account 


Table XXVI. Bond Energies of Hydrogen Halides in the calculation, the experimental 
$$ sé—vallue should always be the greater. 


Molecule Edale. | E observed A similar result occurs with the hy- 

(kcals) | (cals) drides of the alkali metals. In order 

——————— to overcome this difficulty Pauling 

HF 84 | 147 ‘suggested that the geometric mean 

a - | "83 of the covalent bond energies 
HI 69 | 63 should be taken : 

| E43 = (By-4 x Ez-3)* cone (6.12) 


in place of the arithmetic mean (equation 6.1). The calculated value of 
the bond energy of hydrogen iodide then becomes 60 kcals, i.e. below the 
experimental value ; in a similar way satisfactory values for the hydrides 
of the alkali metals are obtained. Although the calculated values are, in 
general, more acceptable in these particular cases, the difference between 
values calculated by the two methods are not significantly different. In 
the series of compounds HF, HCl, HBr and HI the divergence between 
calculated and observed values is least with HI and greatest with HF and 
Pauling considers that the magnitude of the difference between the two 
values is a measure of the deviation of the bond from true covalency. 

The idea that a link, such as that which occurs in hydrogen chloride, is 
of an intermediate type is not new; Fajans, Lewis and SipGwick all 
considered that there existed an uninterrupted change of bond type from 
a pure covalent bond on the one hand to a pure ionic bond on the other. 
Such an intermediate type of bond may be considered as an ionic bond 
which has been polarized, i.e. the electron cloud of the anion has been 
displaced towards the cation by electrostatic attraction, and the suggestion 
has been made that the bond could be described in terms of electrostatic 
theory. In a nonpolarized anion the centre of gravity of the negative 
charge is coincident with the nucleus ; the field due to the cation, however, 
produces a displacement of this negative charge in the direction of the 
cation thus inducing in the anion a dipole moment acting in the reverse 
direction to the original dipole. The resulting dipole moment of the 
molecule is thus less than that given, by the product er. 

The magnitude of the dipole moment m induced by a field of unit 
strength is termed the polarizability a of the molecule - 


m= aF ....(6.13) 
where F is the electric field. Attempts to calculate the induced polarization 
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using equation 6.13 and thus to calculate the encigy and dipole 
moment of the bond have, in general, failed owing to the use of the molar 
refractivity R to calculate a. The relationship between a and & is given 
by the Lorentz-Lorenz equation : 


Re ave ....(6.14) 
3 n?+t+2 d 
where Af the molecular weight, NV the Avagadro number, n the refractive 
index and d the spevific gravity. The inaccuracy of this assumption has 
been demonstrated by Desye?® in the following way. In the hydrogen 
chloride molecule the internuclear distance is 1:27 A and if the bond were 
entircly ionic in character, the dipole moment would be : 


p=er=48 x 10-7) x 1-27 x 10% = 6:06 x 10-8 e.s.u 


as compared with the expcrimental value of 1:03 x 107}8 e.s.u 
The field due to the proton is given by 


== e/r* .... (6.15) 
and this induces in the chloride ion a moment acting in the reverse direction : 
m = aF = ae/r* .... (6.16) 

and the total moment is then given by, 
p= er — m= er(l — a/r) ...+(6.17) 


The refractivity of the chloride ion is R = 8-45 cc and hence by equation 
6.14, a = 3-22 x 10-*4cc. Substitution of this value of a in equation 
6.17 and putting r = 1-27 x 10-8 cc gives : 


= 6:06 x 10-8 (1 — 1:63) = — 3-8 x 107 e.s.u 


The calculated moment thus considerably exceeds the experimental value 
and furthermore represents the dipole as acting in the opposite direction: 
the chlorine is represented as positive and the hydrogen negative. This 
result is clearly incorrect and Debye has shown that the error is due to the 
fact that the Lorentz-Lorenz equation is not valid at the small distances 
considered owing to the non-uniform character of the field. If the inter- 
nuclear distances were of the order of 5 A, this type of calculation would 
be permissible. Attempts have been made to calculate the polarizability 
in a non-uniform electric field by the methods of wave mechanics’, but 
have not yet been successful in producing a theory of the intermediate type 
of bond. 

A different approach to this problem has been made by Pauling?!» *. If 
each of two atoms forming a bond have a single valency electron, it is 
theoretically possible for either a covalent or an ionic bond to be formed. 
In the first case the electrons are localized and both electrons move in the 
field of both nuclei, in the second case an electron is transferred from one 
atom to the other and both electrons move in the field of one nucleus. If 
the energy of one type of bond is very much greater than that of the other, 
then that form which has the higher energy will determine the nature of 
the bond and in the extreme case, the bond will be either entirely ionic or 
entirely covalent. However, when the energies of the two bond types are 
closer together, but not necessarily equal, both forms will contribute to the 
final state of the molecule and the bond will be a resonance hybrid of the 
covalent and ionic forms, the molecule being stabilized by the resonance 
energy. There is no difference between the resonance described here and 
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that discussed in connection with the structure of benzene, which happens 
to be a particular case, in that the two Kekulé structures are both covalent 
and have the same energy. When the two forms possess different energies, 
that with the greater energy is the more probable and contributes more to 
the final state of the molecule. Even in molecules such as sodium chloride 
there is present, in addition to the ionic bond, a covalent bond, although 
its energy is so small that it.is generally ignored. The resonance between 
the two forms, however, may be the explanation of the fact that the experi- 
mental values of the bond energy are greatcr than the values calculated on 
the assumption of an ionic bond for molecules of the sodium chloride type 
(Table XXIV). 

The resonance between the covalent and ionic bond structures of a 
molecule produces, by the superposition of the electron clouds of the ionic 
bond and of the covalent bond, a transitional electron cloud. This is 
discussed below in terms of wave mechanics. The electron cloud of the 
bond, however, will of course be continuous and the splitting into com- 
ponent parts, which this method of treatment has incurred, is the direct 
result of the attempt to describe a complex chemical bond in terms 
of two simpler types of bonds which may be represented by classical 
structural symbols. 

If the covalent state of the molecule is described by the function %, and 
the ionic state by y;, then the intermediate state of the molecule may be 
described by the linear combination of these two wave functions : 


ub — 61, + Co; cee . (6.18) 
where the coefficients ¢, and c, determine the contribution of the two 
states to the molecule and the ratio ¢,/c, will be such as to make the bond 
energy a maximum for the particular set of molecular parameters (e.g. the 
relative electronegativities of the participating molecules) pertaining to this 
molecule. The wave function for the covalent bond (see Chapter’ 3) is 


given by 
Bo = Ya(1) d5(2) + Yo(1) ba(2) . +++ (6.19) 
and that for the ionic bond by 
b; = po(1)$0(2) .. + (6.20) 


which infers that both electrons are located at nucleus a@ (a refers to the 
nucleus of atom A and @ to the nucleus of atom B). Substitution of equations 
6.19 and 6.20 in 6.18 gives the wave function of the molecule : 


b= cy, + Cos = Cy { Ho(L) ¥0(2) + o,(1) 4,(2)} + ea ) 
4 va (OL21 


The expression for the electron cloud of the molecule will be obtained by 
squaring the expression 6.21, viz, 


Bp? = 64 { a?(1) h52(2) + Yo?(1) a*(2) + asta Ya?) He (2) } + 
+ ea" ba?(1) pa2(2) + 2cyeo { Po7(1) Pa(2) po(2) + Ha°(2) pal 1) pol 


This expression is composed of three parts, first the terms representing 
the electron cloud in a covalent molecule (equation 3.99) : 


Yo?(1) fy2(2) + yop?(1) fo2(2) + 2ypa(1) Y5(1) Ha(2) os (2) 
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secondly, the term representing the electron cloud when both electrons are 
located at nucleus a, 1.¢. an ionic structure : 


We?(1) f,2(2) ....(6.22b) 
and thirdly, the transitional electron cloud : 
Pa"(1) pa(2) po(2) + Ya?(2) Po(1) fo (1) .++.(6,22¢, 


In the transitional structure one electron is located at the nucleus, (¥,7(1), 
and the second electron gives an elliptical cloud yj, (see equation 3.61 
et seg). The latter term is identical with that obtained for the hydrogen 
molecule ion and we may therefore conclude that the transitional electron 
cloud represents a state in which one electron is located at one atom, 
whilst the second electron forms a single electron bond. The second tern 
in equation 6,22c occurs as a result of the exchange of the positions of the 
electrons. Only one nucleus appears in expression 6.22c u1z a; this refers 
to the more electronegative of the atoms forming the bond. The complete 
electron cloud of the diatomic molecule may thus be conceived as elliptical 
in shape with the maximum density not occurring midway between the 
nuclei as in a true covalent bond, but nearer to one atom than the other. 
The greater the ionic character of the bond, the greater is the shift of the 
position of maximum density towards the more electronegative atom. 

In the above discussion we have considered that the bond between two 
atoms A and B may be described as a resonance hybrid of the covalent 
A—B and ionic A7~ Bt structures. Theoretically we should also consider 
the alternative ionic structure At B- and resonance between the three 
structures would further increase the energy of the bond. In general, 
however, the second ionic state is so improbable as to contribute little 
stability to the molecule. Thus for example, it will be appreciated readily 
that the state Na~ Cl+ or H7 Cl* are most improbable and do not play a 
part in determining the behaviour of the molecules. The contribution of 
such states to the resonance of the molecule is, therefore, in get.eral neglected. 


VALENCY STRUCTURES OF THE ELEMENTS 


In order to apply the resonance theory of the transitional type of bond it is 
necessary to reconsider the electronic states of the atoms of the eleiments 
and to consider the valence bond structurcs of certain of their compounds, 
which may make an appreciable contribution to the state of the molecule. 

The number of covalent bonds which a given atem can make 1s deter- 
mined by the number of unpaired electrons. The loss or gain of an 
electron converts a neutral atom into a positive or negative ion and we 
shall consider two types of ions : 

a Ions having no unpaired electrons. Ions of this type gencrally possess 
an inert gas electronic structure, e.g. H-, Lit, Be?+, O?-, F-, Nat, Mg**, 
S?-, Cl- etc. The interaction of such ions generally leads to ionic com- 
pounds since in the absence of unpaired electrons covalent bonds cannot be 
formed. 

6 Ions containing unpaired electrons, e.g. O-, N-, Ct, C-, Bt, Bo etc. 
The role of such ions in molecules is extremely important since they may 
take part in both ionic and covalent bond formation and it is most signi- 
ficant that the number of covalent bonds made by such ions may be greater 
than in the original neutral atom. The formation of the ion from the 
neutral molecule will be accompanied by the loss of energy ; nevertheless 
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this will be compensated for by the resulting Coulombic interaction, by 
the formation of covalent bonds, and by the possibility of resonance between 
the ionic and covalent structures. 

In the following discussion, the terms mono-— di— and trivalent will be 
used to denote the presence of one, two or three unpaired electrons 
respectively. Defined in this way the valency represents the maximum 
number of covalent bonds in which a particular element can partake. The 
number of elementary charges on an ion will be termed the ‘ chargeability ’. 
Thus there are, for example, singly, doubly, and triply charged positive 
and negative ions. 

Such a definition of terms is necessary in order to avoid confusion of 
meaning. For example, reference is often made to the trivalent ion 
of aluminium. If by this it is meant that the aluminium ion is forming 
three covalent bonds, then the statement is correct and the aluminium ion 
is trivalent ; but if, however, the statement is meant to denote the fact 
that aluminium has lost three electrons, then it is a triply charged ion and 
not trivalent since its electronic configuration will be that of an inert gas 
and it will have no unpaired electrons. The correct description of aluminium 
in this case is that it is a triply charged, zerovalent ion. The necessity for 
this careful definition of valency will become apparent in the following 
discussion, where it will often be necessary to refer simultaneously to the 
charge and covalency of an ion. 

We shall now discuss the ionic states of various atoms : 

Hydrogen 1s—In addition to the homopolar monovalent state Is, two 
ionic forms of hydrogen are possible, Ht and H~-. The former corresponds 
to the positive singly charged and zerovalent ion. The latter is formed 
when an electron is acquired by a hydrogen atom and occupies the second 
position in the 1s orbital. The negative hydrogen ion therefore possesses 
a helium like 15° shell and is therefore zerovalent. The reaction between 
a hydrogen atom and an electron is exothermic, 4H being — 16-4 kcals. 
The hydrogen ion, H-, occurs in the ionic states of certain hydrides, thus 
in lithium hydride, for example, resonance occurs between the states Li-H 
and Lit H-. 

Helium 1s?—The two electrons are paired in the 1s? shell and as a 
consequence helium is zerovalent. The loss of one electron converts helium 
into a monovalent, singly charged positive ion Het, with a single electron 
in the 1s orbit. The ionization potential is, however, very high, being 
564 kcals, and neither the formation of a covalent bond nor electrostatic 
interaction with a negative ion would compensate for such a loss of energy. 
The maximum energies of these two types of bonds is approximately 
100 kcals and 200 kcals respectively. An additional electron would have 
to be accommodated in the 2s orbital, and hence the formation of the 
monovalent negative ion He- (15725) is strongly endothermic. 

Lithium 1s?2s—The neutral atom is monovalent and on the loss of one 
electron the zerovalent singly charged positive ion Lit is formed. The 
formation of a negative ion Li- is theoretically possible, this would have 
the electronic configuration 152252 and would thus be zerovalent. Such an 
ion could only be of importance in compounds with more electropositive 
substances e.g. LiCs, but in molecules such as lithium hydride the con- 
tribution to the resonance of the molecule of the form Li~ H+ may be 
considered as negligible. 
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Beryllium 15*25*— The atom of beryllium forms two positive ionic states, 
the monovalent singly charged Bet 1ts?2s and the zerovalent, doubly 
charged Be** 157. Vhe tonization potential in the latter is very much 
greater than in the former and therefore the singly charged ion must play 
a large part in the compounds of beryllium. In BeCl,, in addition to the 
covalent structure 

Cl — Be — Cl 


formed by beryllium in the 1572s52p state, two ionic forms are possible 
involving the monovalent singly charged ion : 
Cl- Bet+t—Cl and Cl—Bet Cl- 
and one ionic form involving the doubly charged zerovalent ion : 
Cl- Be?tCl- 
The contribution of this form to the resonance of the molecule, however, 
will be small. 

The singly charged negative ton of beryllium may be either mono or 
trivalent : Be~ 15°2572 or Be~ 157252p" respectively. 

Boron 15*2s*2p— On the loss of one electron boron may form a zero- 
valent 15°25" or divalent 15*252p singly charged positive ion. The 
formation of the divalent ion requires not only the energy necessary to 
expel the electron, the ionization potential, but also the excitation energy 
necessary to transfer one 15 electron, to a 2p state viz 15°25*— 15°252p 
(compare with the corresponding excitation of the monovalent neutral 
atom to the trivalent state, discussed in Chapter 2). The doubly charged 
positive ion of boron, B+ 15?25 is monovalent and the triply charged 
positive ion B3+ is zerovalent and in view of the high ionization potential 
involved, is unlikely to make an appreciable contribution to the structure 
of boron compounds. 

Boron trichloride will be a resonance hybrid of the following structures 


cl 6c Cl Cl- 
Ne x 
B Bt 


by ci 


covalent ionic 


There will be three ionic structures, since the ionic bond can occur in each 
of the three boron-chlorine links, and the negative charge is therefore not 
located on any one chlorine atom but shared equally among all three. 
The existence of the three equivalent structures amongst which resonance 
occurs increases the stability of the molecule compared with the case 
where the negative charge is located at one atom. 

The contribution of the forms 


Cl> ~Cl- Cl- = Cl- 
B2+ B3+ 
di Cl- 
three structures one structure 


will be very small. 

When buron gains an electron it becomes a carbon-like tetravalent ion 
1s*252p% with a single negative charge. As in carbon the four valencies 
are directed towards the corners of a tetrahedron. This electronic structure 
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occurs in hydrofluoroboric acid [H+ (BF,)~), in which the BF,~ ion exists 
as a resonance hybrid of the following valence bond structures 


FF F- F F- F- 
7 / 

B- B Bt 
LN Xs fos 
F  F F  F F 


F 
one structure four structures Six Structures 
F- F- F- F- 
B2+ Bst 
b= F F- F- 
four structures one Structure 
(contribution small) (contribution very small) 


Esters of boric acid, B(OC,H;), dissolve in ethyl alcohol forming an 
acid. The reaction which takes place may be represented as follows : 
B(OC,H;), + 2C,H,OH = B-(OC,H;), + C,H,OH,+ 
The structure of the negative 1on 
C,H;O OC,H; 
\7 


B- 
yrs 
| C,H,O OC,H; 
may be represented by a similar series of structures to those given above 
for BF, and as in that case, the negative charge is not localized in the 
boron atom but shared with the oxygen atoms. 
The problem of the structure of the boron hydrides will be considered 
in Chapter 15. 
Oxygen 1522522p4—- The neutral atom has two unpaired p electrons and 
is therefore divalent. The gain of an electron gives a singly charged 


monovalent negative ion, 
eo ‘ 
2s 2p 
and the loss of an electron yields a singly charged trivalent positive ion, 
o 
25 2p 
In the positive ion it will be noticed that a monovalent configuration is 


possible: 
Orlahtl ys || 
25 2p 


but in the ion, as in the molecule, that state is preferred which gives the 
maximum possible number of unpaired clectrons. Both of these singly 
charged ions occur in molecules containing oxygen. ‘The doubly charged 
negative ion, having a neon electronic configuration, is zerovalent ; its 
formation, however, is highly endothermic. 
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Four structures exist for the molecule of water : 


O 
H H Ht H Ht H+ 
two structures 
the importance of the last structure containing a doubly charged negative 
oxygen ion is very small. Similar structures exist in organic compounds 
containing oxygen ¢.g. 


O O- O- 
yo / S\ 
R H R H+ Rt H 
and 
O O- O- 
~~ / XK 
R R R Rt Rt R 


Trivalent positive oxygen is present in oxonium compounds ; water, for 
example, possesses an affinity for a proton amounting to 180 kcals and 
thus the hydrogen ion H,O+ has the following structures : 


H H H+ H Ht Ht 
SF Via 
Ot O O- 
| | | 
H H H 
three structures three structures 


The energy of formation of water from oxygen and hydrogen atoms is 
220 kcals. This value will be equivalent to the bond energies of two O—H 
bonds so that the bond energy of the hydroxyl] link is 110 kcals. On the 
addition of a proton to water there is a further gain of 180 kcals, so that 
in the ion H,O+, 400 kcals is shared between three O—H bonds; the 
hydroxyl bond energy in the ion is thus 133 kcals. It is therefore evident 
that the transition from H,O to H,O+ has caused a strengthening of each 
bond and this fact is one of the causes of complex formation, hydration 
and the dissociation of such acids as hydrogen chloride in water. 

It was suggested by FriEDEL and by Co.uie and TICKLE that the com- 
pound formed by the addition of hydrogen chloride to an ether has the 
structure : 

H,G H 


O 
SN 
H,C Cl 


However, oxygen can be electrically neutral and tetravalent only in the 
case when one 2f electron is excited to the 35 state : 


25 2p 35 


The energy required for this excitation is 273 kcals and is sufficiently large 
to make the resulting atomic state improbable. Spectroscopic investi- 
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gation® of (CH,), OHCl has confirmed that tetravalent oxygen does not 
take part in the structure. For a similar reason the tetravalent doubly 


charged positive ion, Or 


25 2p 


is unlikely to contribute to the structure of molecules containing oxygen, 
as the energy required to remove one s and one fp electron from the ground 
state 1s greater than 1,300 kcals. 

Carbon 1s*25*2p?— Both negative and positive ions of carbon may play a 
part in the structures of carbon compounds. The gain of an electron gives 
the singly charged negative trivalent ion, 


oa 
25 2p 
whereas the loss of an electron leads to a singly charged positive trivalent ion: 
Cly|yiy| 
25 2p 


The latter ion occurs in the structures of compounds of the type, CCl, 


CHCl, : c- «a Cc- oH 
C+ C+ 
fo N / oN 
Cl Cl Cl Cl 
Sour structures three structures 


and (R,)CO: R 
So O- 
R 


and these ionic structures resonate with the corresponding covalent forms. 
The former negative ion occurs in compounds such as CH,Li and C,H;Na : 
H Lit H H 


| 
C= H—C—C- Nat 
YN | | 
H H 


Multiply charged carbon ions are not likely to be of significance in the 
structure of carbon compounds because of the high value of the second 
ionization potential. 

In addition to the states described above, an electrically-neutral divalent 
state and a singly charged positive monovalent ion can occur : 


clv}y iy] Cet yy | 
25 2p 25 2p 
which exist with other forms in the structures of carbon monoxide, 


C=O Cc+—O- C-=0t 
a b C 
II2 
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The triple bond in the third structure ¢ is formed by the transfer of onc 
p electron from the oxygen atom, in which it is paired, to the vacant fp 
orbital in carbon, thus producing two ions with identical electronic 


= e 
a8 2p 2s 2p 


structure capable of forming the three covalent bonds. Thus the transfer 
of an electron from one atom to the other has produced, in addition to 
the Coulombic attraction between the ions, an additional covalent bond. 
Such bonds have from time to time been given special names, ¢.g. semi- 
polar, dative or coordinate, and have been represented in structure formulae 


by an arrow, riz C- == Ot+ showing the direction of electron transfer. In 
view of the fact that such bonds utilize no new binding force, such names 
now appear unnecessary. 

The bond energy of the carbon monoxide molecule, 210 keals, is the 
greatest for any diatomic molecule ; the bond energy of the nitrogen 
molecule N,, in which the two nitrogen atoms are joined by three covalent 
bonds, is only 170 kcals. This high bond energy is due to the considerable 
resonance between the three structures a, 6 and c. The dipole moment 
of carbon monoxide is very small, which indicates that the contribution of 
the two ionic forms 6 and ¢ will be almost equal. This fact brings out the 
essential difference between resonance and tautomerism, both the struc- 
tures 6 and ¢ may be used to describe the molecule and contribute to the 
resultant structure of the molecule, but if carbon monoxide were a tauto- 
meric mixture rather than a resonance hybrid of the structures a, 6 and c 
then the experimental dipole moment would be high (about 5 X 107}8 e.s.u) 
since the two tautomeric forms 6 and ¢ would be capable of orienting 
independently in the applied field. 

Similar structures to those given for carbon monoxide are proposed for 
diethoxymethylene, which is formed by the dissociation of tetraethoxy- 
ethylene. The molecule is stabilized by resonance between a structure 
containing divalent carbon J and one containing a singly charged, negative, 
trivalent carbon atom and a singly charged, positive trivalent oxygen 


atom J] 
C,H,;O C,H,O+t 
\ 


C C- 
/ 
C,H,O C,H,O 
I II 


fwo structures 
In carbon dioxide there exist in addition to the homopolar structure : 


O=C=O 
four ionic structures : 
O =Ct—O- O-—Ct=O 
O+=C—O- O-—C=Ot 


The last two structures play a significant part, causing the raising of the 
bond energy and a reduction of the interatomic distances. In a similar 
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way, in carbon suboxide C,O,, resonance occurs between the following 
five structures : 
O=C=C=C=O 
O=C=C=Ct—O- O-—Ct=C=C=O 
O-—C=C—C=0Or O+=C—C=C—O- 

Nitrogen 1s*2s*2p3—-In addition to the electrically neutral trivalent 
structure /, a singly charged, negative divalent ion JJ anda singly charged, 
positive, tetravalent ion J/J are important in the valence bond structures 
of nitrogen compounds. 


. - ai 
Qs 2p 25 2p 2s 2p 
f If It 


The doubly and triply charged negative ions JV and V which are mono- 
and zerovalent respectively are much less probable structures. 


as 2p 25 2p 


IV V 
The tetravalent, positive ion J/J has been recognized for some time as it 
occurs in the ammonium ion *NH, and in the tetraalkyl ammonium salts 
e.g. (C,H;),NtI-. The other forms are now known to make a contribution 
to the structures of many nitrogen containing compounds. Thus the follow- 
ing may be considered to be the structures of ammonia, 


H H Ht H Ht Ht Ht Ht 
7 / 
N —-N N2- N3- 
| | | 
H H H Ht 
one Structure three structures three structures one Structure 


although the first two occur with the greatest weights. Similar ionic 
structures occur in the amines : 


H H+ H 
a 
R—CH,—N R—CH,—N- R—t+CH, -N 
\ 
H H H 


two structures 


Compounds of the type NH,-halogen are very stable because in the 
process of conversion of nitrogen to the tetravalent state, an additional 
covalent bond is formed and the energy of the molecule is increased by 
the difference between the electron affinity of the halogen together with the 
Coulombic energy of the ionic bond between +NH, and the halogen ion 
and the ionization potential of ammonia. It is noteworthy in this respect 
that nitrogen, like boron, tends to assume a tetravalency of the carbon 
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type. This occurs in nitrogen by the loss of an electron to form a positive 
ion and in boron by the gain of an electron to form a negative ion, e.g. 
BH,-. Furthermore as in the case of tetravalent carbon, the four bonds 
in > Nt < are sp? hybrid bonds of equal energy and directed tetrahedrally. 
That the four N—H bonds in +NH, are each stronger than the N—H bond 
in NHg may be shown in the following way. We have the following 
reactions : 


N = iN, 4H = — 8s5kcals 
3H = 3H, 4H = — 154-5 kcals 
iN, + $H, = NH, 4H = — 11 kcals 
and hence on summation, 
N + 3H = NH, 4H = — 250-5 kcals 


and hence the bond energy of an N—H bond in ammonia 1s 83°5 kcals. 
For the formation of the ammonium ion from ammonia we have 


NH, + tH = +NH, 4H = ~ 206 kcals 


and consequently the heat of formation of the ion +NH, from N, 3H and 
H?* is 456-5 kcals. The energy of each N—H bond 1s thus 152 kcals, very 
much greater than the N—H bond in ammonia. 

In order to form pentavalent nitrogen it would be necessary to raise the 
2s electron to the 35 state, a process requiring considerable excitation 
energy. It is not therefore surprising that in all molecules where five 
homopolar valencies are ascribed to nitrogen, a large dipole moment is 
observed. Thus, for example, the nitro group has a dipole moment of 
3°54 < 107}8 e.s.u and in the amine oxides the moment is approximately 
5 xX 107!8e.s.u. This fact would agree with the theory that the nitrogen 
is in the singly charged, positive, tetravalent form in this compound : 


O- R, 
Va 
R—N*+ R,—N+t—O- 
BS 
O R, 


two structures 
This view is substantiated by the work of MEISENHEIMER who showed that 
in the amino-oxyhydrates : 


PR, 
R,—N+—OH OH- 


the two hydroxyl groups have different properties, one being ionic whereas 
the other is covalently linked to nitrogen. Additional evidence arises from 
the reaction between the sodium salt of diphenvlamine and tetramethyl- 
ammonium iodide; the product, diphenylaminotetramethylammonium, 
has the properties of a salt and therefore has the structure : 


[ N+(CH3), ][ N-(C,Hs)2 J 
in which there is a singly charged, positive, tetravalent nitrogen and a 
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singly charged, negative, nitrogen instead of one pentavalent and one 
trivalent nitrogen atom joined by a covalent bond. 

When positive, tetravalent nitrogen is bonded to three atoms, a double 
bond is formed with one of these atoms. In this case, as with carbon, 
the o bonds lie in one plane with an angle of 120° between them (sp? 
hybridization) and the zw bond is perpendicular to this plane. Thus, for 
example, the nitrate ion has the structure : 


()= 


A 
O==Nt 
\ 
O- 
three structures 
and the nitro group the structure : 
O 
ie 
R—Nt 
*\ 
O- 
two structures 
as suggested above. Experimental data confirm this configuration, the 
O 


value for the N angle in the nitrate ion being 120°, and in the nitro 


O 
group 127°. The larger value in the latter case 1s evidently caused by the 
repulsion of the two negatively charged oxygen atoms. 
Hydrazoic acid HN, is stabilized by resonance between the structures : 


H—N=Nt+=N- 
|H—N-—Nt=N 
Ht N-=Nt=N- 


in which the three atoms of nitrogen are linear (sp hybridization, as in 
acetylene and allene). The third structure, containing a positively charged 
hydrogen possesses considerable stability owing to the Coulombic attraction 
between the alternating charges. The large contribution of this structure 
to the molecule explains the acidic properties of HN3. 

For the free radical, diphenyl nitric oxide, the presence of a neutral 
tetravalent nitrogen has been suggested (J). It will be clear 


O O- O 
| | | 
N Nt N 
Va 
/ 
I I Ul 
twelve structures Sour structures 
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froin a consideration of the electron configuration of singly charged, positive, 


tetravalent nitrogen : 
si 
2p 


25 


that nitrogen in the tetravalent state cannot be electrically neutral. The 
structure of the radical will therefore be a resonance hybrid of structures 
/] and //I in which the nitrogen is tetravalent, positive and trivalent, 
neutral, respectively. 

The possibility of boron and nitrogen existing in similar valency states 
leads to the formation of a series of compounds, one of which, B3N,H,, has 
a hexagonal type of structure. For this compound, in addition to the 
structure in which both boron and nitrogen are trivalent : 


two ionic forms are possible in which the nitrogen is positively charged 
and tetravalent and the boron negatively charged and tetravalent. The 
two forms are analogous to the Kekulé structures of benzene : 


i : 
H 4 H H B- H 
SF Nov Ye S 
N+ Nt Nt Nt 
44 bok 
"A Nye Nu a4 Nu 
, , 


In this molecule the B—N distance is found to be 1-44 A, which is con- 
siderably less than a normal covalent bond between nitrogen and boron 
(1-58 A), thus indicating a considerable contribution from the two Kekulé 
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structures. The molecule B,O,(CH3), has a rather different structure® 


3 


CH, 
| 


B 
0” No 
b 4 
HAC” Nee Nou 


3 


since although the ring is planar, the B—O—B angle is 110° and the 
O—B—O angle 130°. In this molecule also, structures analogous to the 
Kekulé structures are possible, but probably contribute less to the final 
state of the molecule than in the corresponding nitrogen compound. The 
reason for the apparently anomalous values for the valency angle 


CH, CH, 
| \ 
ar Wea ae Mss 
x 2 44 
H, 4 se Ng : a Noe Nou, 


is that with oxygen in the normal divalent state and in the positively 
charged trivalent state, the bonding electrons are pf electrons, which tend 
to make bonds at an angle of 90° to each other and not at 120°. 


OWAltly Ly = 
25 2p 


v 
25 2p 


Fluorine 15°25*2p°>— Fluorine may be used to illustrate the main valence 
states of the halogens. The halogens may exist in three different valence 
states of which the monovalent, neutral atom J, the singly charged, negative, 
zerovalent ion JJ are well known ; in addition, however, there is a third 
possibility a singly charged, positive, divalent ion ///. 


Hal al Hal? 
25 2p 25 2p 2p 


25 


rf I WW 


The first two valence states are present in all X—halogen bonds, e.g. H—Cl 
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and H+ Cl-. The third form occurs where a double or triple bond occurs 
adjacent to a XN—halogen bond. For the molecule 


H 
CH,=C€ for example, there exist the following possible structures : 
Cl 
H H H 
/ A 
CH,=C CH,=Ct -CH,—C 
\ 
Cl Cl- Clt+ 


The contribution from the last form, however, will be small. <A similar 
series of structures occurs in chlorobenzene although in this case additional 
structures are possible in view of the resonance of the benzene ring. 


Cl Cl- Cl+ Cl+ Cit 
‘ | 
¢ ¢ O 
\ VA 
IV V VI a VIL 


Of these structures, JV and V have the greatest weight, the contribution of 
VI, VII and VII being small. The contribution of such states having a 
positive halogen atom will, however, increase in the series F, Cl, Br, I. It 
must be emphasized that when it is stated that structures VJ, VIJ and VIII 
contribute to the state of the molecule, it does not infer that there exists 
a positively charged atom of chlorine in the molecule ; the effect of the 
contribution of such structures will be to reduce the negative character of 
the chlorine atom. This also occurs in the case of oxygen containing 
compounds, ¢.g. furan, in which together with the covalent structure LX, 


HC—CH 
ror 
NO 7 


IX 


there will be a contribution from the ionic states with a negative charge on 
the oxygen atom : 


HC—CH HC—CH 
"4 > ~ N 
HC+ , H HC +CH 
-O No: 
X XI 


and from structures containing the singly charged, positive, trivalent 
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oxygen ton, which are possible owing to the presence of the conjugated 
system of double bonds. 


HC=CH - HC—CH HC—CH 
HC CH- HC- CH HC Se ee ‘er 
YQ 7% \ 4 \ 4 YQ 7 
Ot O+ O+ 
XII XIV XIV AV 


The contribution of structures X// to XV to the molecular resonance will 
reduce the negative charge on the oxygen atom. 

Molecular Resonance— ‘The examples of resonance structures which have 
just been discussed indicate that it is necessary to distinguish between two 
types of resonance involving ionic states : molecular and bond resonance. 
In the case of bond resonance, valence bond structures exist which possess 
covalent and ionic forms of one single bond between two atoms e.g. resonance 
between O—H and O- H+ H,C=O and H,C+t—O-, H—F and Ht F-. 
Here it should be noticed that the charges occur on neighbouring atoms, 
but in molecular resonance the charged atoms are separated by one 
or more neutral atoms. The importance of differentiating between the 
two forms lies in the fact that molecular resonance produces changes in 
the valency states of the intermediate atoms. The difference between the 
two types of resonance may be shown by considering the structures of 
urea, where in addition to the bond resonance forms XVI to XIX : 


‘o=0 Ct—O~ 
ye / 
H,N H,N 
XVI XVII 
H,N- H+ 
Ct+=O N- 
JN 
HN’ H C=O 
H,N 
XVIII XIX 
two structures Sour structures 
there cxist also the molecular resonance forms XX and XX7 : 
H,N+ H+ 
\ N 
C—O- VIN 
Jf H C—O- 
H,N / 
H,N 
XX XXI 
twe structures four structures 


In the bond resonance structure XVII the oxygen becomes negatively 
charged and monovalent because the carbon atom to which it is bonded 
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becomes positively charged and trivalent, whereas in the case of molecular 
resonance X.X, the oxygen atom is also negatively charged, because the 
nitrogen atom with which it is not directly bonded, becomes positively 
charged and tetravalent ; in this valence-bond structure, the number of 
bonds formed by the carbon atom do not differ from that in the covalent 
form XJ’J but are only located differently. Other examples of molecules 
in which molecular resonance occurs are phenol : 


via ye ee Ht H+ Hit 
O 
‘ oS 
i rs b ¢ we © 
aniline : 
H H H H H H 
SH NF \ 
N+ Nt Nt 


and nitrobenzene : 
O- O- O- O- O- O- 
ee A NX 7 NSF 
N+ N+ Nt 


Molecular resonance involving the atom of carbon plays an important part 
in organic compounds as the carbon atom may be either positively or 
negatively charged and trivalent. 

The most frequently encountered valence states of the elements of the second 


period aT summarized Valence States of Second Period Elements 

in. the accompanying ! : 

diagram, in which the Li Be! B C N O , F 
Be ay rae meen are 


charges and the number 
of homopolar  valencies 
are indicated. On the 
loss of one electron the 
valencies of Li, Be, B and 
C are lowered by unity, 
whilst those of N, O and 
F are raised by unity. 
The addition of an elec- 
tron raises the valency of 
B by unity and lowers that of C, N,O and F. Carbon occupies a central 
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position in the table, possessing a maximum valency of four and in that 
valence state is electrically neutral. In carbon the ratio of the valency 
electrons to the total number of electrons in the atom is 4/6, which is 
greater than in any other element, excluding hydrogen which has only one 
electron. The presence of the three valency states of the neutral atom, o*, 
o%7 and or, together with the ionic states, account for the great diversity 
of carbon compounds. 

The elements of subsequent periods of the periodic classification reveal 
certain similarities with the second period, but in addition further possible 
valency states exist. This is due first to the fact that with the increase of 
the principal quantum number the excitation energies decrease, thus the 
transfer from a 3p to a 45 state requires less energy than the excitation of 
a 2p electron to a 35 state, and secondly to the presence of the d orbitals. 

Sulphur 157252263529 4— Sulphur, like oxygen, is divalent in the ground 
state since two of the 3p electrons are unpaired. On gaining an electron 
a singly charged negative, monovalent ion is produced : 


St Ly 
35 OP 


which exists in the valence bond structures of the thioethers, 


C,H,—S—C,H; CH,+CH, S-—C,H, 
and hydrogen sulphide, 
H—S—H H+ S-—H 


The doubly charged, zerovalent ion is much less important and the struc- 
ture H+ S*- H+ makes a very small contribution to the structure of the 
molecule. 

In many compounds, sulphur is shown as being tetravalent, but in order 
to produce tetravalent sulphur, it is necessary to unpair two 3/ electrons 
and transfer one to the 45 or a 3d orbital, which according to spectroscopic 
data requires excitation energies of 160 kcals and 200 kcals respectively. 
The electronic configuration of the sulphur atom would be : 


sty iyi ed Ti) sefttyd tee] TTT 
35 3d 


Y 
3P 45 38 3P 


It is not likely, therefore, that such valency states will make a large con- 

tribution to the valency state of sulphur, unless the molecule is stabilized 

in some other way. ; ; 
The loss of one electron produces a positively charged trivalent ion : 


s+} y iy | 
35 3p 


which occurs in the structures of SO, and SO,?~ in addition to the 
tetravalent form : 


Oo- oO 
O=S=O \ 4 we 
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The fact that sulphur dioxide possesses a dipole moment and is triangular 
in shape lends support to the view that the contribution of the tetravalent 
structure is very small. A direct indication of the existence of the positively 
charged trivalent state lies in the existence of the sulphonium compounds 
(R3S)*+ Cl- which are formed readily from thioethers and alkyl halides 
and behave in solution as strong electrolytes containing the (R,9S)t ion. 

If sulphur were to readily form compounds in which the contribution 
of the tetravalent valence bond structure was considerable, it might be 
expected that such molecules as SH, and SR, would be formed by analogy 
with CH, and SiH,. The fact that such compounds do not exist infers 
that in compounds frequently shown as containing tetravalent sulphur, 
structures with trivalent singly charged positive sulphur make a large 
contribution to the resonance of the molecule. ‘Thus the sulphite ion 1s 
best represented by the structure : 


O- O- 


NZ 
St 


ie 


in which three p electrons give a pyramid structure similar to that formed 
by the p orbitals of nitrogen in ammonia. This structure has been confirmed 
by x-ray data. Similarly in the SOC), molecule the main valence bond 
structures will be : 


Cl Cl Cl- 


Ye 4 
O-—S+ O=S+ O=S+ 


\ Xs 
Cl Cl- Cl 


In order that sulphur may be hexavalent, it is necessary to unpair two 
pairs of electrons, one s and one pf and excite one to a 3d orbital and the 
other to the 4s orbital, or alternatively both to the 3d state, a process 


which requires considerable excitation energy. Sulphur may, however, be 
doubly charged positive and tetravalent : 


St 
3p 


35 
and it -s evident that in the sulphur trioxide molecule, in addition to the 
usual representation of the molecule involving hexacovalent sulphur : 


O=S 
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there are also three further structures of the type : 
O- 


O=—S2t 
= 
Since the electronic state of the molecule in this case is similar to carbon, 
(sp?), the SO, molecule will contain three o and one zw bonds, and the 
molecule will be planar, the angle between the o bonds being 120°. The 
same electronic structure of sulphur wi!l occur in the sulphate ion in which 
the main structure will be 


in which the configuration will be tetrahedral since the bonds will be sp§ 
hybrid bonds. In SO,Cl,, in addition to the less probable hexavalent 
state of sulphur, the doubly charged positive, tetravalent state makes an 
important contribution : 


Cl O Cl 


O 
NF NY 


O- Cl O C]- 
S 2+ NG er 
fo S< 

O- 


O Cl O- Ci- Cl O Cl- 


four structures 
In sulphur hexafluoride in which the fluorine atoms are arranged octa- 
hedrally about a central sulphur atom it must be assumed that the main 
valence bond structure is, 


F- 
BS a 
F’ OF 

F- 


The charges are not localized on any particular pair of fluorine atoms and 
there are fifteen different valence bond structures, each bond thus being 
two thirds covalent and one third ionic. 

Phosphorus 15725*2p°3529 p*—The electronic structures of phosphorus 
reveal many similarities with those of nitrogen. The loss of an s electron 
leads to positively charged tetravalent phosphorus which occurs in the 
acids of phosphorus and in the phosphate ion. All these structures involve 


i OH OH a 
| | 
-O—+P—OH -O—+P—OH -O—+P—H -O—+P—O- 
| | | | 
OH H H O- 


sp? hybrid bonds and are therefore tetrahedral. The formation of penta- 
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valent phosphorus by the excitation of a 35 clectron to a 45 state requires 
less energy than the corresponding transition in the case of nitrogen (25 to 
3s state) and therefore compounds such as the phosphorus pentahalides 
exist which have no nitrogen analogue. ‘The structure of this molecule is 
a trigonal bipyramid. The pentavalent form of phosphorus may also occur 
in the valence-bond structures of the acids e.g. 


OH 


| 
O=P—OH 


| 
OH 


Trialkyl] phosphines may be oxidized to the corresponding oxycompounds, 
which will evidently have the following structures : 


R R 

| | 
R—P=O R—Pt+t—O- 

| | 

R R 


The decrease of the excitation energy required to form the pentavalent 
state of phosphorus as compared with nitrogen and its greater electro- 
positive character, explains the readiness with which the tertiary phosphines 
undergo addition reactions with chlorine and sulphur. 

Chlorine 15°25729%35°36°—In contrast to fluorine, chlorine forms a 
series of oxides and oxyacids and exhibits a variable valency. The ton 
ClO; has been shown to have a triangular structure which would suggest 
that the chlorine was in the singly charged positive, divalent state : 


cit 
3§ 3p 


Two p electrons thus participate in the two bonds which are therefore 
mutually directed at go° : 
C)+ 


ee 
O O- 


The ClO; ion is in the form of a pyramid with the chlorine atom at the top : 


which suggests that the chlorine atom is in a doubly charged positive, 


trivalent state, 
cr [44 
5 3P 


3 


and three p electrons participate in the bonds. The ClO7 ion is tetra- 
hedral which would indicate that the four bonding electrons are in the 
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hybrid sp* state, with the chlorine in a triply charged positive, tetravalent 


State : 
cies 
35 3p 
O- 
| 
O-—Cl#+—O- 

| 

O- 
In addition to the structures given here, it is highly probable that other 
valence bond structures, involving higher valency states of chlorine, con- 
tribute to the resonance of the molecule. 


ALTERNATING POLARITY OF ATOMS IN 
VALENCE BOND STRUCTURES 


The bond energy of ionic states of individual bonds is strengthened if 
alternate positive and negative charges arise on adjacent atoms. As an 
example, we shall consider first, sulphamide SO,(NH,)., for which the 
valence bond structure 


wd 


52+ 
/\N 
O- NH, 
may be written. In each >N—H bond, there is resonance between the 
covalent and the ionic >N~ H?* states, and the formation of a negative 
charge on the nitrogen atom increases the stability of the molecule in view 
of the gain of electrostatic energy in the S—N bond. Thus the contribution 
of the structure : 
Ht 
O- N- 
wr ao 
St H 
nan 
O- NH, 


four structures 
will be large in view of the increased stability produced by the alternate 
positive and negative charges. The marked acid properties of sulphamide 
and its ability to form salts of the type SO,(NHAg), are in agreement 
with this structure. Sulphamide polymerizes with the formation of mole- 
cules of the type : 
NH,—SO,—NH—SO,—NH—SO,—NH—SO,—NH, 

in which the contribution of the form : 


O- O- O- O- 


| | | | 
+H -NH—S2+—-N-—S2+—_N-—S#+_N-_S#+—_-NH Ht 


| | | | 
O. H+ O. H+ OL Ht O_ 


126 


RESONANCE OF COVALENT AND IONIC STATES 


will be considerable. Such structures in which there are alternate positive 
and negative charges on the atoms forming a ring or chain, play an im- 
portant part in the resonance of certain organic molecules and results in a 
mutual stabilization of the ionic states in neighbouring bonds’. 

In the case of benzene, resonance is generally considered as occurring 
between the two Kekulé and the three Dewar structures, but other struc- 
tures involving a separation of charge can be conceived e.g. 


1 7 
}: : 
YY 
I ul 


Such structures do not produce any resultant polarity of the molecule since 
for each bond the two forms C+ C~ and C~ Ct contribute equally to the 
final state of the molecule. In the case of benzene these structures may in 
general be ignored in view of the much greater stability of the Kekulé 
forms. In substituted benzene derivatives, however, this is not always the 
case, in view of the possibility of the substituent groups being charged. 
Thus in view of the positively charged nitrogen atom in the trimethyl 
pheny! ammonium ion : 


CH, 
| 


the structures JJ] and JV are much more probable than in benzene owing to 


CH, ig 
| 
H,C—N+—CH, H,C—N+—CH, 
HI IV 


the increase of the energy of the molecule in view of the electrostatic energy 
between the alternate charges, + — +. On the other hand structures of 
the type V are most improbable in view of the repulsion between the 
adjacent positive charges, + + — 


CH, 
H,C—N+—CH, 
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Other examples of stabilization in this way are given by benzene- 
sulphonic acid and nitrobenzene : 


O- O- O- O- 
ey) we A 
S?+__OH S?+__OH 
‘, 
¢ 6 
Vi / 
VI VII 
two structures 
O O- O O- 
7 we 
N+ Nt 
O 0 
Va 
+ 
Vil IX 
four structures two structures 


Alternating polarity may also occur in aliphatic molecules, but is 
generally present to a lesser extent than in the aromatic series. The 
resonance in the non-substituted hydrocarbons between the forms C+ C- 
and C- Ct will be negligible ; on the introduction of an atom e.g. chlorine, 
which forms a partially ionic bond with carbon, however, alternating 
polarity can be induced and resonance between the forms X and XI will 
occur. 


H H H H H H 
| | | | db 
—C—C—C—C] —*c C—Ctr C- 
ale. «al kok A 
H H H H H H 
X XI 
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MOLECULAR ORBITALS OF DIATOMIC MOLECULES 


THE problem of the nature of the chemical bond may be approached by 
two different methods. The first treatment, developed mainly by HEITLrEr, 
Lonpon, SLATER and PAuLinc, has been discussed in the preceding chapters ; 
the fundamental assumption of this method is that the atoms in the molecule 
are considered as preserving to a considcrable extent their individuality. 
Thus the electrons in a diatomic molecule are described by functions 
derived from the atomic wave functions of the constituent atoms, an 
approximation which is justified only when the interatomic distance is 
large, since the intcraction of the two atoms at distances of the order of 
1078 cm is sufficiently great to cause distortion of the atomic orbitals. The 
second method is that of molecular orbitals! which has been developed mainly 
by Hunp, MuLurkan, HERzBERG and LENNARD-JoNES*. In this treatment 
the same principles which have been used for describing the electron states 
in a single atom (Chapters 1 and 2) are applied to the molecule, with certain 
modifications which are necessary in view of the fact that the electrons move 
in the field not of one, but of two nuclei. For our treatment of the electron 
states of atoms, the simplest atom, hydrogen, was taken as representative 
and the results obtained applied to the polyelectron atom. In the same way 
we may consider the simplest diatomic molecule, the hydrogen molecule 
ion, as a representative molecule and having determined the permissible 
electron states for the single electron, construct polyelectron molecules, 
either diatomic or polyatomic, by distributing the electrons in these states. 
This distribution will be controlled by Pauli’s exclusion principle as in the 
case of atoms. 

Each electron in the molecule is described by a wave function %, which 
is the wave function of a molecular orbital. The value of $? at any point 
in space may be regarded as representing either the probability of finding 
the electron at that point or the density of the electron cloud at that point. 
The calculation of % should be made by solving the appropriate Schrédinger 
equation. This is a mathematical operation of too great a complexity except 
in the simplest cases and the approximation is made that, when the electron 
is in the neighbourhood of any one nucleus, the forces acting on it are due 
mainly to that nucleus and other electrons on that nucleus. The appro- 
priate wave equation and its solution will therefore closely resemble the 
equation and solution for an isolated ajom, and the molecular orbital is 
assumed to consist of a series of superposed atomic orbitals. This idea 
which forms the basis of the molecular orbital treatment was first intro- 
duced by Lennard-Jones? and has been termed by Mullikan® the linear 
combination of atomic orbitals. It must be appreciated clearly that this is 
an approximation, since the distortion of the atomic orbitals by the adjacent 
atoms has been ignored in order to simplify the treatment. A detailed 
study of the hydrogen atom shows that here the assumption is justified. 

It has been shown by Courson® that the bonding energy between two 
atoms is a maximum if the component atomic orbitals of the molecular 
orbital have the same energy. When these energies are not of comparable 
magnitude no bonding can be attributed to these particular atomic orbitals. 
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Thus in the hydrogen chloride molecule, the binding energy of the 15 
electron of the hydrogen atom to the hydrogen nucleus is much less than 
that of the electrons of either the K or L electron shells of the chlorine 
atom to the chlorine nucleus, but is similar to the energy of the 3, 3p, and 
3p, electrons of chlorine. The molecular orbital can thus be formed only 
by the combination of the H 1s atomic orbital and the Cl 3f,, 3p,, 3p., 
atomic orbitals, the principle of maximum overlap determining which of 
the chlorine orbitals are involved. This argument will apply also to homo- 
nuclear molecules, e.g. Cl,, when the inner shells of electrons of both atoms 
have identical energies, since the extent of the overlap of the inner orbitals 
will be very small and their contribution to the bonding energy negligible. 
We may therefore conclude that only the electrons of the outer shell, z.e. the 
valency electrons, combine to give molecular orbitals and all other electrons 
possess non-bonding atomic character. 

Turning now to the problem of the hydrogen molecule ion and applying 
the principles outlined above, we may consider the formation of the molecular 
orbital in the following manner. When the distance between the nuclei is 
great, the electron will be represented by the atomic orbital 9%, ; as the 
nuclei approach the electron may be found at either of the nuclei, a or 6. 
This process of exchange must be regarded as the first step in the formation 
of the molecular orbital. Neglecting the deformation of the atomic orbitals, 
we may combine the wave functions to give the molecular orbital, 

Y= teers) + ehoas) vee (71) 
where ¢ is a constant. Such a wave function is interpreted on the basis of 
quantum theory by regarding the relative probabilities of Pon,) and Pos 
as being in the ratio 12: ¢?. Since we are dealing with a homonuclear atom 
the electron must be equally divided between the nuclei a and 8, so that 
c2 = 1, and there are two possible linear combinations of the atomic 
orbitals® to be considered viz, 

¥, aa (0:18) Se Yb (v:25) Pe eS (7-2) 

ba = ba:15) aie Wo:18) Slabs (7-3) 
The subscripts of g and u refer to gerade (even) and ungerade (odd). When 
the two nuclei are different as in hydrogen chloride, symmetry no longer 
exists and separation into g and u orbitals is not possible. 

The densities of the electron clouds may be obtained from equations 7.2 
and 7.3 and are: 

YF = Pansy + P7018) + 2Hpers) Pos) +++ (7-4) 

ba = b? (ass) + b? (orts) = 20:5) Pas) oeaes (7-5) 
In the first case, to the electron cloud densities of the two atoms is added 
the cloud density, 20.) You), of the transition structure corresponding to 
the electron being in the field of both nuclei. As a consequence of this the 
density of the electron cloud between the nuclei is increased, the nuclei are 
drawn together and there is an increase of energy. Such an orbital ¥, 
is therefore a bonding orbital. In the second case (equation 7.5) the 
density of the transition structure is deducted, and the electron is drawn 
away from the region between the nuclei and, as a result, bonding does 
not occur. The orbital ¥,, is therefore an antibonding orbital. 

The transfer of an electron from the atomic orbital to an antibonding 
orbital involves the loss of energy and therefore the electron will occupy 
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such an orbital only when the bonding orbital is already filled by the two 
electrons permitted by the Pauli principle. When, however, an electron 
does exist in an antibonding orbital, it will always tend to return to an 
atomic orbital and will therefore lower the stability of the molecule. Thus 
there are two types of molecular orbital, the bonding orbital, in which the 
electron is located at a lower energy level than in the atom, and the anti- 
bonding, in which the electron is in a higher energy state. Each com- 
bination of two atomic orbitals will produce two such molecular orbitals. 
This conception of bonding and antibonding orbitals is fundamental in the 
molecular orbital treatment as will be seen in the next section where it is 
applied to simple diatomic molecules. Although the orbitals Y%, and ¥, 
have been obtained by the combination of uncorrected atomic orbitals, 
the division of the molecular orbitals into bonding and antibonding orbitals 
would still be retained even if it were possible to allow for the distortion 
of the atomic orbitals which must occur. 

The formation of a molecular orbital may be pictured as occurring in 
another way, in which the nuclei are brought together and imagined to 
coalesce into a single nucleus. This important idea’, known as the ‘ united 
atom viewpoint ’, permits a characterization of the molecular orbitals to 
be made in terms of quantum numbers by analogy to atomic orbitals. An 
electron moving in a field of central symmetry is described by four quantum 
numbers n, /, m and s, three of which, viz, n, / and m are orbital quantum 
numbers. In the case of the united atom there will be no difference between 
the significance of the principal quantum number n, and of the azimuthal 
quantum number J, compared with a normal atom. If the united atom now 
divides into the constituent atoms in such a way that the internuclear 
distance is still very small, the quantum numbers n and J will still be defined 
as before, but there is a change in the significance of m. In a free atom, 
m determines the component of the orbital angular momentum of the 
electron on an arbitrary axis, such as the direction of an applied magnetic 
field, which has the value m(h/27). In a diatomic molecule, the axis is no 
longer arbitrary but is the line joining the two nuclei and in this case it is 
customary to replace m by a new symbol, A. Thus A(h/27) represents the 
component of the orbital angular momentum of the electron about the 
internuclear axis. 

The possible values of n are 1, 2, 3, . . . and / may have any value from 
0 ton—t1. The values of A, as form, are —/, —I/+1,....0,.... 
+i/—1, +l. Only the absolute value of A is usually of importance since 
the state with A = + 1, for example, is of the same energy as that for which 
A= -—1;3 thus the A=1 state is doubly degenerate. If the molecule 
rotates about an axis perpendicular to the line of centres, the difference 
between the states described by positive and negative values of A becomes 
manifest. This is of importance in the interpretation of the spectra of 
diatomic molecules, but not in the present discussion. Molecular orbitals 
with A =o are termed o orbitals; with A= +1, 7 orbitals and with 
A= + 2, Sorbitals, ete. For each value of A there will be, as we have shown, 
a bonding and an antibonding orbital and it is customary to represent these 
as o and o* ; wand n°, etc orbitals respectively. 

The number of electrons which may exist in each orbital is restricted by 
Pauls principle. Thus in each of the o and o* states there may be two 
electrons ; 1n each of the m and n® states there may be four electrons, two 
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in the orbital for which A = +1 and two for the case when A = — 1. 
Similarly, the remaining states: 5 and 5* with A= + 2, 9 and o* with 
A= + 3, etc, there will be four electrons in each state, whether bonding 
or antibonding. 

The molecular orbitals are formed by the combination of atomic orbitals 
and the electronic states in the constituent atoms will determine the resultant 
electronic state, t.e. the value of A, in the molecule. Thus in the case of the 
hydrogen molecule ion the electron is in the 1s state in the atom and the 
molecular orbital that is formed is denoted by ots for the bonding orbital 
and o*1s for the antibonding orbital. These orbitals may be represented 
schematically! and are shown in Figure 25 where the increase and decrease 


Figure 25. Schematic Representation of the Formation of Bonding and Antibonding Molecular 
Orbitals: o and o* and 7 and n* 


Atomic orbitals Molecular orbitals 


x 


Wave function Symbol 


x, = Prats) + Wio:ts) ols 


¥; mae Yia:ts) - Dios) 


Y ad Wie:29,) + Yi0:2p;) 


Cr C2 


3 Ae 


OO ¢ 
O'S 


of the electron density between the nuclei in bonding and anti-bonding 
orbitals are clearly shown. In the ground state, the hydrogen molecule 
will have two electrons in this orbital and will therefore be denoted by 
(o1s)?. For the combination of p orbitals (J = 1) two different types of 
molecular orbitals will be formed corresponding to the two possible values 
of A (o and +1). When A = 0 (for example, produced by the combination 
of two p, atomic orbitals) we shall have a o orbital which will be denoted 
by of and o*#, which will be simular to the os and o*s orbitals respectively. 
When A = + 1, however, a new type of molecular orbital, produced by 
the combination of two fy or two p, atomic orbitals, is produced. mae 
general shape of the p, and p, atomic orbitals is a figure eight, which, 
the constituent atoms, will be at right angles to the line of centres and ef 
will be readily seen that the combination of two such orbitals will produce 
a new type of orbital (see Figure 25) in which there is no symmetry around 
the line of centres. 


Y, = Wie:2p,) tae Yho-27,) 
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Vhe molecular orbital consists of two parts in which Y has different 
signs. For the bonding molecular orbital it is denoted as 7p and for the 
anubonding molecular orbital as 7*~. Examples of the notation of mole- 
cular orbitals formed from different pairs of atomic orbitals are given in 
Table XXVIU in which an abbreviated notation due to MULLIAN® is also 
given. The advantages of this notation are that it may be applied to 
heteronuclear molecules where a molecular orbital may be formed by 
the combination of 
atomic orwitals of  7able XXVIII. Molecular Orbitals of Homonuctear Molecules 


different atomic shells, Atomic Molecular orbitals Number of elee- 


e.g. H(1s) and Cl(3p,) orbitals | ————________ Oe lis 
in HCl, and it reduces | Full notation 2 Abbreviated notation | cular orbitols 
the emphasis laid on the £ (918)? — } 


‘ ete (o%ts)? 
assumption that, for ex- | 
ample, the o25 molecu- 2525 | tee 
lar orbital is entirely 


| 
| 
| 


; if (o2p)? 
composed of atomic 25 7x 7x | {(o*2p)? 
orbitals. The main dis- 2?,, 2p, or (ny2p)?= (map)? 
advantage, apart from 2.2, | \("y*2p)’= (nz*ap) 
the confusion which may 
arise from the use of the symbols x, y, z, . . . which have no relation what- 


ever with the Cartesian coordinates, lies in the fact that Mullikan’s notation 
disguises the pictorial relationship between the atomic orbitals of the 
constituent atoms and the molecular orbital. 

The electronic states of homonuclear diatomic molecules may now be 
built up by feeding the electrons into the various orbitals, provided that the 
relative order of molecular orbital energies is known. This has been deter- 
mined by MuLuikan® from molecular spectra data and is generally found 
to be: 

Full notation : 
ols< o* Is< o2s< oF 25< o2p<n,2p = 1,2p< 7,*2p = 1,*2p< o* 2p 
Mullikan’s notation : 
zo<c yo <*o< u'r < ur <uo 


DISTRIBUTION OF ELECTRONS IN 
HOMONUCLEAR DIATOMIC MOLECULES 
H,*— When the hydrogen molecule ion is formed from a normal hydrogen 
atom and a proton, the 15 electron is transferred to the lowest bonding 
o orbital denoted by the function, Y, = iors) + Posy. This may be 
represented by the equation 
H(1s) + H+ = H,t(ols) 

H,— Each atom of hydrogen in the ground state has a single 15 electron. 
If the spins of two atoms are antiparallel they may both occupy the same 
molecular orbital : 

H(1s) | + H(1s)t = H,(ols)? 
If the spins of the electrons of the two atoms are parallel, then only one 
electron, according to the Pauli principle, may exist in the lowest bonding 
orbital, the second electron being transferred to the higher energy anti- 
bonding o*1s orbital denoted by the function Yy= Yor) — Pay. The 
reason why the atom is transferred to an antibonding orbital when there 
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exist other bonding orbitals lies in the fact that the latter do not correspond 
to the ground state of the H, molecule but to excited states. Thus we may 


write 

H(is)# + H(is)t = H,(oe1s)(o*1s) 
The antibonding power of the o*1s orbital cancels the bonding power of 
the gis orbital, with the result that no bonding occurs. An attempt to 
substantiate this argument theoretically has been made by PENN using the 
Heitler-London method. The normalized wave functions of the bonding 
and cae ea orbitals are, ns to equations 3.47 and 3.48 : 


= (ta + os)/(2 + 25); Py = (fe — o)/(2 — 25)+ 


and the Pi of the resultant ae cioud will be given by, 
PF PP PLP = (he? + pe? — 2aysS)/(1 — S?) 


Since the transitional structure term, 24,5, has a negative sign, the 
electrons will be drawn away from the region between the atoms and 
repulsion occurs. 

He,+— This molecule may be formed by the combination of an helium 
atom, possessing two electrons in the 1s orbital, with an Het ion, having 
one electron i in the 1s orbital. In the molecule, two of these electrons with 
opposite spins will occupy the lowest bonding orbital, o1s, whilst the third 
electron will occupy the antibonding orbital o*15, which is the orbital next 
in the energy sequence. Thus we may write 

He (1s?) + He +(1s) = He, +(ol1s)?#(0*1s) 
The presence of the electron in the antibonding orbital lowers the stability 
of the molecule, the occurrence of which may only be detected by spectro- 
scopic means. 

He,— The formation of this molecule may be represented in a similar 
manner to that used for the He,* 1on, 


2He (1s?) = He, (ols)?(o*15)? 


In this case the antibonding power of the (o*1s)? orbital cancels the 
bonding power of the (a1s5)? orbital with the well known result that the 
molecule is not formed. 

Li,— Each atom of lithium has three electrons, two 1s and one 25. How- 
ever, we have shown above that the inner orbitals do not take part in bond 
formation and retain their atomic character in the molecule and only the 
electrons in the outermost shell need be considered in the formation of the 
molecular orbital. The two valence electrons in Li, will occupy the o2s or 
in the abbreviated terminology, the zo molecular orbital. 

2Li (1522s) = Li, [KK(o2s)?) 
The notation KK infers that the two KX shells of the atoms are filled by 
non-valence electrons. 

N,—The electron configuration of the nitrogen atom is 15725223 ; of 
these the 152, t.e. the K shell, will not take part in the formation of a 
molecular orbital. The remaining electrons, vz, 252 and 2% will all exist 
in molecular orbitals and hence contribute to the bonding of the atoms in 
the molecule. In this fact lies one of the main differences between the 
molecular orbital treatment and the method of localized pairs, 1.e. the 
Heitler, London, Slater and Pauling method, which only regards the three 
2p electrons as bonding electrons. The result, however, is the same for both 
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methods as may be shown as follows. The formation of the nitrogen 
molecule from two nitrogen atoms may be represented by : 


2N (1522s22p3) = N, [KK(zo)?(yo)?(xo)?(w7) 4] 


The bonding power of the (xo)? orbital may be regarded as being cancelled 
by the antibonding power of the (yc)? orbital with the result that the 
bonding is in effect due to the (xo)? and (wz)* orbitals. This will correspond 
to a o bond and two 7a bonds at right angles to each other, and as six 
electrons are involved in the bonding, we may term this a triple bond. 
The conclusion as to the number and types of bonds involved is thus the 
saine as in the electron pair method. 

O,— The atom of oxygen contains one more electron than the nitrogen 
atom, its configuration being 157257264. On the basis of the electron pair 
theory it would be expected that the bond between two oxygen atoms would 
be formed by the two unpaired # electrons which would therefore give rise 
to a o and am bond. Spectroscopic data, however, show that the oxygen 
molecule has two unpaired electrons and 1s therefore strongly paramagnetic. 
These facts cannot be explained by the theory of electron pairs. Application 
of the molecular orbital treatment leads to the following electron con- 
figuration 

20 (1572s?2p*) = O, [KK (z0)*(yo)*(x0)*(wz) “(vr)?] 

The bonding (za)? is cancelled by the antibonding (yo)? orbital and the 
antibonding (vm)? cancels one of the bonding (wzr‘) orbitals, which is a 
degenerate state owing to the equivalence of the 7,2 and 7,2p orbitals. 
The atoms are therefore bonded by a o and a vw bond involving four 
electrons which may be termed a double bond. The important point about 
the molecule as represented by the above electron configuration is that two 
electrons occur in the uz or 7*2p molecular orbital. On account of the 
degeneracy between the a, and 7, states, this orbital will accommodate 
four electrons and may be regarded as made up of two orbitals, the 7,*2p 
and the 7,*2f which may each accommodate two electrons. Since only 
two electrons occur in this state in the oxygen molecule, according to 
Hund’s law (page 24), one will go into each of the 2,*2p and 7,*2p orbitals 
and will have parallel spins. The observed facts regarding the oxygen 
molecule are thus completely explained. 

F,—In the fluorine molecule there are, in comparison with O,, two 
additional electrons, which will fill the om orbital. All electron spins are 
thus paired and the molecule is not paramagnetic. 

OF (152252298) = F, (KK(zo)*(_y0)%(x0)?(wn)*(on) 4] 
The (zo)? and (yo)? orbitals practically cancel as do the (wz)* and (v7) 4 
since they are bonding and antibonding respectively. Thus the bond is 
effectively due to the (xa)? orbital and as only two electrons take part, 
it is a single bond. 

Ne,— The electron configuration of the neon atom is (157252268), the 
L shell thus being completely filled. The configuration of the molecule 
would therefore be : 


2Ne (1572572p°) = Neg [KK(zo)?( yo)?(xa) ?(wa) *(um) (uc) ?] 
Here in addition to the cancellation of the bonding (zo)? and (w7)¢ orbitals 


by the antibonding (yo)? and (vm)‘ orbitals as in F,, the (xo)? is cancelled 
by the (uo)? orbital and molecule formation does not occur. 
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A similar representation may be made for the homonuclear diatomic 
molecules occurring amongst elements of the third period, ¢.g. Nag. 


DISTRIBUTION OF ELECTRONS IN 
HETERONUCLEAR DIATOMIC MOLECULES 


When a heteronuclear diatomic molecule is formed, the same principles as 
those discussed in the previous section may be applied. The criterion that 
the atomic orbitals, which combine to give a molecular orbital, must have 
nearly equal energies®, implies that only the outermost shell of electrons of 
each atom Is involved (see page 129) and these for two different atoms will 
not generally be in the same electronic state. The two atomic orbitals, 
however, must have the same component of angular momentum, 1.e. value 
of the quantum number m, in the direction of the bond axis. In the following 
discussion we shall denote by #, a p orbital having the value m = 0, the fp, 
and , orbitals will have the values m= +1. The x axis will thus be 
considered as lying along the line of centres of the nuclei. Thus for the 
bonding electrons of hydrogen chloride, which will be compounded from 
Yas) and Yery), the molecular orbital, by analogy with equation 7.1 is, 


P= daa) + cPccrsy,) . +++ (7.6) 
The constant ¢ no longer satisfies the relationship c? = 12, since the atoms 
are not identical, and has to be calculated. However, there will still be 
two values of ¢, as in equations 7.2 and 7.3, corresponding to a bonding 
and an antibonding orbital. These orbitals may be termed the o3f and 
o*3p respectively. The shape of the resulting molecular orbital will depend 
on the value of ¢; if ¢>1, then there is a greater contribution from the 
chlorine atomic orbital than from the hydrogen atomic orbital. This is 
what happens in the case of hydrogen chloride as is well known, since the 
electronegative character of chlorine, compared with hydrogen, attracts 
the valency electrons towards the chlorine atom. 

The electronic configuration of the hydrogen chloride molecule may be 
represented as, 

H (1s) + Cl (1525726352365) = HCl (KL(3s)?( 03p)?(3p,)2(3p,)7] 
It will be clear that only the o3 p orbital is molecular in character, the 35, 
3p, and 3p, being mainly atomic. The A and L represent the A and L 
shells of chlorine which remain entirely atomic. 

In many cases the molecular orbitals for a heteronuclear diatomic 
molecule may be worked out in a straightforward manner as for hydrogen 
chloride. In others, however, certain difficulties arise and we shall take 
as an example the case of carbon monoxide, the structure of which has 
been the subject of much controversy. In carbon monoxide, as in the 
nitrogen molecule, there are fourteen valency electrons and Mullikan® has 
formulated the structure of both molecules as 

N,, CO: [(KK(zo)?(yo)?(xo)?(u7) 4] 
in which there are four bonding orbitals : zo, xo, and wz which is doubly 
degenerate, and one antibonding orbital yo. The resultant structure is 
therefore approximately a triple bond. In order to substantiate this 
similarity of electronic configuration in molecules possessing the same 
number of electrons (isoelectronic molecules), attention has frequently been 
directed towards the similarity that exists between certain physical properties, 
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notably the boiling point, critical constants, interatomic distance, solu- 
bility efc of these molecules, Table XXVIII, Lonc and Watsu!® consider, 


Table XXVUI, Physical Properties of Isoelectronic Molecules 


Elictronic configuration (za) (ya) *(ww) *(orr) 
Mokcules O,+ 
Tonization poveniial hans —_ 
Excitation potential (kials — 
Polarizability (A*) a = 
Intervnuclear distance (A) .. 1°42 
Frequency of vibration (cm=*) t,876 


Dissoc‘ation energy (keals) .. 
Melting point (°K ) 4 


Critical temperature (°K) ce 
Critical pressure (atm.) 


o 
| Hilts 


Densily in liquid state 


* As these values correspond to the transfer of N; and CO from the ground state to different excited states : 
scot (ay se), tee) (ee) for N; and (20)4(yo)?(x0) (wm)*(em) for CO, no great significance can be giveo 
to their similarity 


however, that this argument is not logical, since many of the properties 
cited infer similar molecular volumes and similar external fields of force 
rather than similar electronic arrangements. Furthermore, these authors 
point to the fact that the molecules of nitrogen and carbon monoxide differ 
in a very significant way. When the nitrogen molecule ionizes to give N,*, 
the bond is weakened, as shown by the increase in the interatomic distance 
and the decrease of the vibrational frequency, Table XXVII. On the other 
hand, when the carbon monoxide molecule ionizes to give (CO)t, the 
interatomic distance decreases and the frequency of vibration increases, 
thus showing an increase in the strength of the bond. These data are only 
understandable if, unlike the nitrogen molecule, carbon monoxide con- 
tains a double bond and forms on ionization, a third bond. On ionization 
the nitrogen molecule reverts from a triple to a double bonded structure. 
Long and Walsh derive a molecular orbital description of carbon monoxide 
which approximates to a double rather than a triple bond in the following 
way. It 1s imagined that the two atoms are brought together without inter- 
action and the molecular orbital is then gradually formed. Thus we start 
with 
CG: 1572522p,2p, 
O: 1572s72p,2p,2p,? 


where the carbon atom is in the state in which it occurs on the dissociation 
of carbon monoxide, and we proceed to form the molecular orbitals, the x 
axis being in the direction of the line of centres. The 15 orbital (K shell) 
will remain unaffected whereas the 2s electrons will fill the zo and yo 
orbitals, which will largely cancel each other. The 2/, electron of carbon 
interacts with the 2, electron of oxygen to form a xo orbital and the 29, 
electrons of carbon and oxygen may now interact to form a wa orbital. 
The two #, electrons of oxygen remain 1nd will show a small drift towards 
the 2, atomic orbital of carbon by occupying a molecular orbital of the 
form choy ) + Y(oz,). The semipolar or coordinate bond denoted by the 


arrow in the formula C &O, which is sometimes employed to describe 
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carbon monoxide, implies that c= 1. There is nothing in the molecular 
orbital treatment to indicate that this is so and spectroscopic data! suggests 
that the factor ¢ is very small. 

The case of nitric oxide is more straightforward and the formation of the 
molecular orbital may be represented as, 

N (152252263) + O (152252264) = NO [KK(zo)?(_yo)*#(xo)?(war) 4(ur)] 
The (zo)*, (xo)* and the doubly degenerate (wz)* orbitals are bonding, 
whereas the (yo)? and (vm) are antibonding. There is thus a predominance 
of bonding over antibonding orbitals and a stable molecule is formed. The 
single electron in the antibonding v7 orbital is responsible for the reactivity 
and paramagnetism of this molecule. 


THE THREE ELECTRON BOND 


The introduction of the idea of a three electron bond was an attempt to 
explain the existence of molecules with unpaired electrons within the frame- 
work of the Heitler-London treatment. According to Pauling! the bond 
in He,* occurs by the superposition of the two forms : 


He : - Het 
a b 
He-+ :He 
a b 


where the dots represent electrons. Calculation has shown that such 
resonance leads to a value for the bond energy which is in satisfactory 
agreement with experiment. In the helium atom both electrons are paired 
and the atom is chemically inert, but the approach of a helium ion makes 
possible a gain in energy due to the resonance between the two structures. 
This method has been extended to other molecules containing unpaired 
electrons (NO, O,, ClO, ClO, etc) and the bond in oxygen, for example, 
is represented as a resonance between the forms : 


:O—O: :0—0O: 


1.e. by one normal covalent bond and two three electron bonds. This 1s 
more usually represented by 


:O = O: 
In a similar manner the nitric oxide molecule may be represented by 
resonance between the two forms : 
Ned: ited: 
or by the more usual formula 


-N=O: 
I 
A comparison of this structure with the electronic configuration according 
to the molecular orbital treatment brings out an important similarity. The 
molecular orbitals of nitric oxide are 
NO [KK(z0)?(yo)*(xo)*(wa) “(o7)] 
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Since the (zo)? and (yo)? orbitals cancel, these four electrons take no part 
in the bond and will be represented by the two electrons shown to the left 
of the nitrogen and two to the right of the oxygen in structure /. Of the 
remaining three orbitals, the (xo)? and (wm)* (doubly degenerate) are 
bonding and completely filled, and the um orbital is antibonding and con- 
tains only a single electron. The number of bonds will thus be approximately 
two and a half, in agreement with the calculations of Pauling!! which show 
that the three electron bond has half the strength of an ordinary single bond. 
We thus see that the same conclusion is reached by the two methods, which 
are simply alternative ways of describing the same idea. 


MOLECULAR ORBITALS OF SIMPLE POLYATOMIC MOLECULES 


The application of the molecular orbital theory to polyatomic molecules 
meets certain difficulties which may be overcome only by assuming the 
existence of localized molecular orbitals. This may best be shown by 
considering an example. If we apply the principles developed at the 
beginning of this chapter to the case of the molecule of methane, we conclude 
that, of the ten electrons of methane, two occupy the K shell of carbon and 
the remaining eight occupy molecular orbitals embracing all five nuclei. 
Such a treatment does not explain why the characteristic properties of the 
C—H bond should remain effectively the same in a variety of different 
molecules, although it does predict a tetrahedral structure for the methane 
molecule!*. This difficulty has been overcome (see for example Coulson?) 
by employing localized molecular orbitals, in which it is supposed that 
each single bond is due to two electrons of opposite spins in a molecular 
orbital almost completely localized between the two nuclei. Such a modi- 
fication of the molecular orbital theory produces a similarity with the 
localized electron pair theory of Heitler, London, Pauling and Slater, but 
with the important difference that the molecular orbital treatment does not 
lead to the idea of a resonance between different valence bond structures. 

The idea of a localized molecular orbital may be illustrated by the water 
molecule. The atomic orbitals available for the formation of molecular 
orbitals are the 2p, and 29, of oxygen and the two 1s ofthe two hydrogen atoms, 
which we shall call H, and H,. The angle between the 29, and 2, orbitals of 
oxygen is go° and the maximum overlap between these orbitals and those 
of the hydrogen atoms will occur in the directions of the 2/, and 2/, orbitals 
of oxygen. The two molecular orbitals produced will have the form : 
PY, = Par) + c¥ou) and %. = on) + corm.) and are quite independent of 
each other. The replacement of the atom H, by some other group will 
change ¥, but have little effect on ¥,, thus we see that this treatment leads 
to the conclusion that the electrons in a particular bond have characteristic 
wave functions. As pointed out earlier the coefficient ¢ determines the 
polarity of the orbit and it is therefore unnecessary to consider the bond as 
a superposition of the pure covalent wave function (og) and the pure ionic 
wave function Y(o-+) which is necessary in the resonance treatment. 

The theory of localized molecular orbitals, although most successful 
when applied to the ground states of molecules containing not more than 
one double bond, ceases to be correct for excited states and for systems 
containing conjugated double bonds. The first of these cases may be 
illustrated by considering methane. If one of the electrons be excited, it 1s 
impossible to predict in which localized molecular orbital it will occur and 
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it is necessary to allow for the possibility of the excited electron being at any 
of the five nuclei and this can only be done in terms of non-localized 
molecular orbitals. 

The second situation referred to above, viz systems containing conjugated 
double bonds, is perhaps more important to the present discussion. The 
classical example of such a system is benzene. The molecular orbital treat- 
ment regards the six C—C bonds and the six C—H bonds as completely 
localized molecular orbitals compounded out of carbon sp? hybrid atomic 
orbitals and the hydrogen s orbital. So far the treatment is identical with 
the electron pair theory, discussed in Chapter 4. The C—C bonds will be 
o bonds formed by the overlap of two sp? hybrid atomic orbitals, one from 
each carbon atom and the C—H bonds will also be o bonds formed by the 
overlap of one sp? hybrid atomic orbital of carbon with the s atomic orbital 
of hydrogen. The six carbon 2f, atomic orbitals that remain will form com- 
pletely non-localized molecular orbitals. Thus each 29, electron will be 
regarded as existing in the field of six nuclei and will possess a wave function 
of the form : 


Y = ch, + Cotte + Cgitty + egy + 5s + Cove vee (9.9) 


where y, is the atomic orbital at nucleus 1, y%, that at nucleus 2, ef and 
the coefficients ¢,, c,, etc are related to the probabilities of the electron being 
at any particular nucleus. As there are six 29, electrons, there will be six 
distinct molecular orbitals of the form of equation 7.7. Of these, Htcxex!% 
and Coutson}* have shown that three are bonding and three antibonding 
orbitals and in the normal state of benzene the six electrons will be distri- 
buted amongst the three bonding orbitals. The most stable of these is the 


orbital 
Y= po, + bo +43 + oy + os + He - +++ (7.8) 


in which the two electrons may be imagined as ‘ swarming’ round all the 
nuclei, thus bonding them together. There is a distinct similarity between 
the delocalized electrons of such a molecule as benzene and the conduction 
electrons of a metal, and any electrical influence in one part of the system 
is easily propagated to any other part, thus forming the basis for a theory 
of directional substitution in conjugated compounds. 

From the foregoing discussion we may conclude that the main difference 
between the z bonds of benzene, or any other conjugated system, and a lone 
a bond, is that the two electrons forming the localized 7 bond is situated in 
the field of two nuclei, whereas in benzene each of the six electrons exist 
in the field of six nuclei. The fact that the electrons in benzene have a 
greater space in which to move will result in a lower total energy, 1.¢. a 
greater binding energy, than when paired in localized bonds. This energy 
which could be termed the ‘ delocalization energy ’ (Coulson?), is identical 
with the resonance energy of the valence-bond treatment. 

In the molecule of butadiene four non-localized electrons exist in the 
field of four nuclei and Hicxei!’ has shown that of the four possible 
molecular orbitals, two are bonding and two antibonding. Of the two 
bonding orbitals the first, i.e. the more stable, draws all four nuclei together 
whereas the second bonds together nuclei 1 and 2, and 3 and 4, more 
strongly than the two nuclei 2 and 3. Thus calculations}® predict correctly, 
that the links in butadiene alternate in length, the two outermost links 
being the shorter. 
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COMPARISON OF THE ELECTRON PAIR AND 
MOLECULAR ORBITAL TREATMENTS 


The essential feature of the molecular orbital method is the complete 
freedom of movement of the electrons in the molecular orbitals. ‘This means 
that one electron has no influcnce on the location of another electron and 
hence the probability of finding simultaneously one electron at a point 
X1,J;, 2, and anothcr at the point x,, ¥,, 2, will be the product of the 
independent probabilities. For two electrons this will be : 


PP (1 I1Z 15 Xo Hote) =H? (4, IZ) P?(Xy I 92a) . +++ (7.9) 
Therefore the wave function describing the state of a molecule will be the 
product of the functions of the separate atoms. If we now apply this con- 
clusion to the atom of hydrogen in which two electrons are located in the 
molecular orbital y. + y (see equation 7.2 ; we must of course consider 
the bonding orbital). The state of the molecule will therefore be described 


by the function, 
» = [¥.(1) + Yo) f¥.(2) + ¥o(2)] . +++ (7-10) 


which implies that both electrons are quite independent and may both be 
at nucleus a or nucleus 6. Expanding equation 7.10 we obtain : 


Y = Wo(1)po(2) + Yo(1) Pa(2) + pa(1)pe(2) + pol 1) 40(2) eGo 

re 
The first two terms represent the two electrons as being one at nucleus a 
and the other at nucleus }; the third term describes the ionic state where 
both electrons are at nucleus a, viz H,~ H,+ and the fourth term represents 
the alternative and equally probable ionic state where both electrons are 


at nucleus 6, viz H,+ H,~. Let us compare this expression, with that 
obtained for H, by the Heitler-London method. This is 
= Poll) po(2) + Yo(1) $.(2) .. +. (6.19) 


and is identical with the first two terms of the molecular orbital expression. 
In the application of the Heitler-London method it was found that correc- 
tions were necessary to account for the contribution of the ionic terms which 
are not represented in equation 6.19. On the other hand, the molecular 
orbital treatment leads to the other extreme and over emphasizes the ionic 
terms which are given the same weight as the homopolar terms. This is 
due to the fact that the mutual repulsion of the electrons has been ignored 
in obtaining equation 7.9 and this repulsion will considerably decrease the 
probability of finding both electrons on the same nucleus. 

For heteronuclear molecules a similar result is obtained employing the 


expression 
Y= wb + cy ....(7.6) 
in place of equation 7.2. The wave function for the molecule then becomes, 


Yb = [Po(1) + cpo(l)] [p.(2) + efo(2)] 
= C[pe(1) Yo(2) + po(h)e(2)] + pol 1) pa(2) + cP po(L) po (2) Baas 
The ratio of the contributions of the homopolar and two ionic forms being 
in the ratio ¢: 1: c?. 
A more satisfactory equation than 7.12 would be 
P= Cy [pe(L)po(2) + Yo(L)pe(2)] + cope(1) p.(2) + ane - 
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We may thus conclude that the two methods are both approximate, 
being based on different limiting conditions. However, both treatments 
lead to a qualitative picture of the formation of a chemical bond and to the 
stabilization of the molecule by resonance energy. The quantitative aspect 
of both approaches is less satisfactory and calculations of bond energy and 
interatomic distance in satisfactory agreement with experiment have only 
been made possible by the rejection of simplifying assumptions. Neither 
method gives a satisfactory description of the polarity of molecules since 
the Heitler-London theory neglects the contribution of the ionic forms 
whereas these are over emphasized in the molecular orbital treatment. 

The description of such molecules as He,+, O, and NO is more satis- 
factory by the molecular orbital method than by the Heitler-London since 
in the latter an additional concept, that of the three electron bond, must 
be introduced in order to explain the molecule and its properties. The 
conception of directional valency is perhaps more easily conceived by the 
method of localized pairs, but as already pointed out, the molecular orbital 
treatment of delocalized electrons also leads to the tetrahedral model of 
methane. 
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SPECTRA OF DIATOMIC MOLECULES 


GENERAL CHARACTERISTICS OF MOLECULAR SPECTRA 


IN THE preceding chapters we have discussed the quantum mechanical 
theory of the chemical bond at the present stage of its development. 
Although the conclusions which have been reached are of fundamental 
importance, they must not be permitted to overshadow the fact that at the 
present time the experimental physical methods of studying molecular 
properties give more precise data concerning the structure of molecules. 
Thus spectroscopic, x-ray and electron diffraction methods and the deter- 
mination of electric and magnetic moments have been developed to a stage 
where accurate determinations of characteristic constants of molecules, 
such as interatomic distance, valency angle, energies of dissociation and 
excitation, electric and magnetic polarization and vibrational frequencies, 
may be made. A description of these physical methods lies outside the scope 
of this work, and we shall be concerned primarily with the application of 
the results of such methods to chemical problems. 

The interpretation of the spectra of molecules has only become possible 
through the application of quantum theory; previously, such relation- 
ships as were obtained, were entirely empirical and were without theoretical 
significance. As we have seen, atoms and molecules may exist only in 
certain permitted energy levels and the transition from one energy level to 
another is accompanied by the absorption or emission of energy, frequently 
in the form of light radiation. The absorption spectrum of a molecule is 
obtained when light possessing a continuous spectrum, e.g. white light, is 
passed through the substance, generally in the gaseous state. The frequency 
of the absorbed radiation », corresponds to a quantum of energy hv, which 
has been absorbed by one molecule and which has produced a transition 
from an energy level Ej, to an excited level £,, so that 


hy= E, —E, ... (8.1) 


If the molecule is excited, not by the absorption of radiation, but by an 
electric discharge or some other method, the excitation energy is emitted 
in the form of radiation of characteristic frequencies, as an emission 
spectrum. 

In atoms, the energy levels correspond to different energy states of the 
electrons and in just the same way, the electrons in a molecule have a series 
of possible energy levels. Transitions between these energy levels produce 
the electronic molecular spectrum. The electronic states of a molecule 
were discussed in Chapter 7 where it was assumed that the positions of the 
nuclei were fixed ; this, however, is not correct. In the molecule, the nuclei 
and the completed electronic shells round each of the nuclei, repel each 
other. This repulsive force, which operates at short distances, is balanced 
by the bonding forces due to the valency electrons. As a result of these two 
opposing forces the nuclei vibrate about an equilibrium position at which 
the repulsive force is just counterbalanced by the binding forces. In 
addition to this vibration of the molecule, it may also rotate about its 
centre of Ne 


The electrical forces acting on the nuclei and on the electrons are of the 
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same order of magnitude, but the mass of the electrons is very much smaller 
than that of the nuclei and it 1s therefore possible when considering only 
electronic transitions, to regard the nuclei as fixed. This enables the 
electronic states of the molecule to be discussed independently of the 
rotational and vibrational states!. The vibration and rotation of a molecule 
take place simultaneously and interaction between these two modes of 
oscillation occurs, but to a first approximation it is permissible to regard 
both as occurring separately and thus to discuss the vibrational and rotational 
levels independently. 

If the vibration of the two nuclei in a diatomic molecule is assumed to 
be harmonic, then it can be shown (see Chapter 18) that the vibrational 


energy is given by 
FE, = (n+ $)hv .... (8.2) 


where v is the frequency of vibration and n is an integer, termed the vibra- 
tional quantum number. The various vibrational energy Jevels will thus 
be: Ey = hv/2, Ey = 3hv/2, E, = 5hv/2, etc. It will be noticed that the 
lowest level has the value hv/2 and not zero. This energy, termed the 
zero-point energy, is possessed by all vibrating systems even at the absolute 
zero of temperature. 

The rotational energy is given by, 

By = J(F + 1)h?/8r? xex9 (8.3) 
where 7 is the rotational quantum number and J the moment of inertia of 
the molecule. For diatomic molecules with nuclear masses m, and m, and 
internuclear distance r, 

f= 7m 32 supa 
ete (8.4) 
Since atomic masses are of the order of 10~2? to 10—24 gm and r? will be 
approximately 10716 sq cm, the values of J will lie between 10—* ‘and 
10~* gm sq cm. 

The energy levels of diatomic molecules are thus seen to be characterized 
by three quantum numbers which determine the electronic, vibrational and 
rotational states of the molecule. We shall now compare the relative mag- 
nitudes of the changes in energy accompanying transitions between different 
electronic, vibrational and rotational levels of the molecule. The relation- 
ship between the change in energy and the frequency of the emitted or 
absorbed radiation is given by equation 8.1 and it is general to give the 
frequency in terms of wave numbers rather than frequencies. The relation- 
ship between the wave number w and the frequency v is vy = cw, where 
¢ is the velocity of light ; w therefore is equal to 1/A and has the units cm~). 
A wave number of 1 cm~! thus corresponds to a frequency of 3 x 10° sec—}, 
and one of 165 cm—! to a frequency of 3 xX 101% sec-1. The corresponding 
energy in the latter case will be hy = 6-6 x 107?” x 3 x 1013 = 19°18 
x 107! ergs per molecule or calculating on the basis of a gram molecule 
this must be multiplied by the Avogadro number, t.e. 19°18 X 10714 
12°3 xX 1010 


X 6:03 x 1073 = 12-3 x 10! ergs = 
0-123 ev/gm mol. 

The magnitude of the electronic excitation energy in a molecule is close 
to that in an atom and corresponds to a frequency of the order of 10“ cm—! 
(visible and ultraviolet regions of the spectrum). Vibrational transitions 


144 


SPECTRA OF DIATOMIC MOLECULES 


correspond to spectral lines with fre- 8, 
quencies of the order of 103 cm? (the 
near infra-red region) and rotational 8, 


transitions to frequencies of 10 to es 
102cm~! (the far infra-red region),<§§ ———————————————_>———— 
It thus transpires that the values of the 2 
quanta of rotational energy are much — B, 
less than those of vibrational energy 


| 
and during the period of a single rota- 
tion the molecule will complete many 


vibrations. wee flectronic Levels | 
The bonding energy of a molecule Wm “4rotonol Levels 


the molecule and therefore a parti- 
cular equilibrium internuclear distance 
and a series of vibrational energy levels 
will exist for each electronic state. 
Every vibrational level is in turn 
accompanied by a series of rotational 
levels and in Figure 26 there is shown a 
schematic representation of the energy 
levels of a diatomic molecule. Mole- 
cular spectra may thus be divided into 
three sections: rotational spectra, vi- 


| 
is dependent on the electronic state of — Rotational Levels | 


; , Figure 26. Energy levels of a diatomic 
brational-rotational spectra, and the molecule. The short arrows denote rotational 


complete molecular spectrum pro- — changes, the medium length arrows vibra- 
duced by rotational, vibrational and —‘##nal-rotational changes, and the long 


arrows electronic, vibrational and rotational 


electronic transitions. The first type changes. 


occurs through changes in the rota- 

tional quantum number and is found to consist of a series of lines. The second 
type is caused by changes in the vibrational energy. Each vibrational change 
is accompanied by a number of rotational energy transitions which are repre- 
sented in the spectrum by a number of lines situated close together, con- 
stituting a band. The vibrational-rotational spectrum of a diatomic molecule 
thus consists of a series of bands, corresponding to the vibrational transitions, 
each having rotational fine structure. Finally the electronic spectrum con- 
sists of many series of bands, each series of bands corresponding to an 
electronic transition. 

This interpretation of the molecular spectra has been confirmed by a 
large amount of experimental data. Thus, for example, equation 8.3 predicts 
that for transitions in rotational energy in which 47 = +1, the lines in the 
spectrum will have a constant separation equivalent to A?/472J. For hydro- 
gen chlonde the separation of lines in the far infra-red is 20-68 cm—!, which 
gives [= 2:71 x 10-*° gmcm?; substitution in equation 8.4, putting 
m m,/(m, + m,) = 1-63 x 10-24 gm gives the internuclear distance 1, as 
1-29 xX 10-% cm in agreement with values obtained by other methods. As 
will be described in the following sections of this chapter the data obtained 
from vibrational-rotational spectra may be uscd to calculate the dissociation 
energy of molecules and the values obtained in this way are in excellent 
agreement with those obtained from thermochemical data. 
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POTENTIAL ENERGY CURVES 


The vibrations performed by a diatomic molecule may not be regarded as 
harmonic. This is readily understandable since a system of two nuclei 
performing harmonic vibration would never dissociate into the constituent 
atoms, since in accordance with the law F = — Kx (cf equation 1.12) the 
farther the internuclear separation, the greater would be the attracting 
force between the nuclei. In the case of an actual molecule, the restoring 
force is due to the bonding energy of the electrons which decreases rapidly 
with increasing internuclear distance and at a separation of 6 to 7 X 1078 cm 
the bonding force is effectively zero and the molecule dissociates into atoms. 

For a harmonic oscillator, the vibrational quanta, i.e. the energy 
difference between adjacent vibrational levels, all have identical values. 
This may be shown by reference to equation 8.2 which relates the energy of 
a vibrational level with the quantum number and the vibrational frequency 
of the molecule. Ifthe molecule is initially in the state characterized by the 


é. nergy 


0 xe Oistance x" 


Figure 27. Potential energy 


curve for the harmonic t——— fe ees. ©, interatomic Orstonce 
oscillator 
Figure 28. Potential energy curve for a diatomic 
molecule 


quantum number n, the energy will be: E, = ( + $)hv; on absorption 
of one quantum of energy the molecule is transferred to the vibrational level 
having a quantum number n +1 which will have an energy given by 
E, = (n + 3/2)hv. The difference in energies will thus always be given 
by E, — £, = hy, irrespective of the value of n,.and the energy levels will 
be situated at regular intervals, the energy difference between adjacent 
vibrational levels being a constant. Figure 27 shows the variation of the 
potential energy with internuclear separation for an harmonic oscillator 
generally termed a potential energy curve ; the horizontal lines represent 
the permitted energy levels. The meaning of this curve may best be 
illustrated by considering an example. If the oscillator has an energy value 
represented by £, the changes in potential energy during oscillation are 
represented by the curve A’A” and the nuclear separation varies between 
OX’ and OX”. At a particular point B on the curve, representing some 
intermediate condition of the system between its extremes of oscillation, the 
internuclear distance is OC and the total energy AC is made up of kinetic 
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energy AB and potential energy BC. At the extremes of vibration te. at 
A’ and A” the kinetic energy is zero. 

The potential energy curve of a diatomic molecule is represented dia- 
grammatically in Figure 28 and possesses a minimum at the cquilibrium 
internuclear distance. At all other values of the internuclear distance the 
potential energy is greater, since work has to be done either against the 
molecular bonding energy or against the repulsion energy of the nuclei and 
their completed electronic shells. ‘Fhe molecule, however, is never found in 
the non-vibrating state represented by the point O, since the molecule, 
even in its lowest quantum state, possesses vibrational energy, the zero-point 
energy. From a comparison of Figures 27 and 28, it 1s seen that the potential 
energy curve of a diatomic molecule only approximates to the parabola of 
an harmonic oscillator at low energy levels. A transition between a hypo- 
thetical state of the molecule with an internuclear distance equal to r, 
(Figure 28) to one with an internuclear distance equal to rg, involves the loss 
of energy since work has to be done against the 
forces of repulsion. This amount of energy, 4E 
= EF, — Ep has been converted from potential 
into kinetic energy of vibration. The curve 
approaches asymptotically the horizontal line 
which represents the energy of the free atoms 
formed by the dissociation of the molecule. 

From the potential energy curve the relation- 
ship between the force of interaction f and the 
internuclear distance r, may be obtained since 


f= -_ where V is the potential energy. This 


Force of Repulsion 


Ipterotomic Distonce 


variation 1s represented in Figure 29. The value 
of r equal to 7, represents the minimum in the 


— —— —_—_. 
Force of Attraction 


dV ss 
tential energy curve and hence — =0; this “igure 29. Variation of 
ad BY dr : forces of attraction and re- 


fixes the zero on the ordinate and positive values pe atin. tnteratomu 

; 4 istance for a  dtatomtu 
of f will represent the force of repulsion and pe on 
negative values, the force of attraction. ‘The force 
of repulsion increases rapidly with decrease in r and may be represented 
either by an expression of the type C/r* where n has a value close to 10 or by 
an exponential expression. The force of attraction increases, 1.e. becomes 
more negative, aS r increases, passes through a maximum, and _ then 
decreases approaching zero asymptotically. Only in a small region close 
to the equilibrium position does this curve approximate to a straight line 
and therefore it is only in this region, as we have already noticed, that the 
vibration can be assumed to be harmonic. The deviation of this complex 
curve (Figure 29) from a straight line, emphasizes the very marked 
deviation from harmonic vibration that occurs and clearly indicates that 
equation 8.2: 

E=(n+4)hv a aiaiy (Coe) 


must be modified before applied to actual molecules. Equation 8.2 has 
therefore been replaced by, 


E=(n+}t)hv—(n+})2ahy ....(8.5) 
in which the second term may be regarded as a correction term and a is 
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known as the anharmonicity constant. With this equation the difference 

in energies of the two energy states characterized by the quantum numbers 

n+ 1 and n becomes, 

E,— Ey =[(n+1+ h)hv — (n+1+4+4)*ahv] — [(n +4)hv — (n +2)ahy) 
= hy — 2nahv — 2ahv . (8.6) 

and hence the vibrational quanta decrease in value as the eiantin num- 

ber 7 increases. 

The potential energy curve and 
vibrational energy levels of the 
hydrogen molecule are shown in 
Figure 30. The minimum of the 

Distonce between Hydrogen Atoms(&) Curve corresponds to a value of 
IS 20 25 3 109°4 kcals, but in the ground state 
the hydrogen molecule has a slightly 
higher energy value owing to the 
zero point energy 4hv, which is 
equal to 6-2 kcals. Thus the dis- 
sociation energy of the hydrogen 
molecule is 103°2 kcals/gm mole- 
cule. The difference between the 
values of adjacent energy levels is 
seen to decrease as the quantum 
number increases, in the manner 
indicated by equation 8.5. 

From a study of the vibration- 
rotation spectrum of a molecule, 
the frequency of vibration, the 
values of the energy levels, the an- 
harmonicity constant and the dis- 
sociation energy may be determined. 
From the rotation spectrum or from 
Figure 30. Potential energy curve and vibrational _ the rotational fine structure of the 
energy levels for the hydrogen molecule. The vibration-rotation spectrum the 
vertical scale gives the differences in energy’ value of I and hence of the inter- 

between adjacent vibrational levels we ya ; 
atomic distance may be determined 


Energy (kcal) 


by using equations 8.3 and 8.4. 

The above elementary treatment of molecular spectra is sufficient for 
our present purpose and for a more extended discussion of the coupling of 
the vibrational and rotational modes of oscillation, the polarization and 
intensity of spectral lines, permitted and forbidden transitions, the Frank- 
Condon principle and the application to thermodynamics, the reader is 
referred to the many monographs which have been published?. 

The potential energy curve shown in Figure 30, for the hydrogen molecule 
has been obtained experimentally ; it is, however, desirable that such 
curves be represented by a mathematical equation. We have already seen 
that the parabolic curve only approximates to the potential energy curve 
at low values of the quantum number and the expression for the variation 
of energy with internuclear distance obtained by Heitler and London 1s also 
a poor approximation, and moreover, has only been derived for the case of 
the hydrogen molecule. Recourse has therefore to be made to the derivation 
of empirical equations. The attraction energy may be represented by an 
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expression of the type—</r™, and the repulsion energy by + 8/r*. Since 
the repulsion energy increases very rapidly at small values of 7, it is apparent 
that n must be very much greater than m. The expression for the potential 
energy V may then be written 
i B 
Ve ccs : 
Pa ee apts (Gog) 
This expression unfortunately has not been found to be of general applica- 
tion and a more useful approximation has been introduced by Morse? : 


Vi) = Dr Fe) — 2 D,-4 1-70) .... (8.8) 


where r is the distance between the nuclei, 7, is the equilibrium internuclear 
separation and D, is the dissociation energy together with the zero-point 
energy. The factor a is related to the anharmonicity constant by the ex- 
pression 


4 
8r2va mym, \* 
ee an ( 
a ( he oa oa ....(8.9) 


The importance of equation 8.8 lies in the fact that if it is substituted for 
the potential energy term in the Schrédinger equation, the latter may be 
solved for the vibrational energy and yields equation 8.5. 

The Morse equation describes the potential energy curve very satis- 
factorily. Its main disadvantage lies in the fact that when r = 0, a finite, 
although large, value of the potential energy is obtained instead of an 
infinite value. Various modifications to this formula have been proposed 
by Rosen and Morse and by Péscut and TELLER‘. 


RESULTS OF SPECTROGRAPHIC MEASUREMENTS 


The most detailed spectroscopic investigations have been carried out with 
diatomic molecules and at the present time the characteristic constants, 
obtained from vibrational-rotational spectra are known for more than 250 
diatomic molecules. Several of these compounds are not sufficiently stable 
to exist in the pure state and have only been observed and studied by 
spectroscopic methods. Such compounds as CH, NH etc are of great interest 
as they undoubtedly occur as intermediate products in many chemical 
reactions. 

The experimental data, which have been taken mainly from the mono- 
graphs of HERZBERG? and Gaypon', are grouped into different sections 
according to the nature of the molecule. Homonuclear molecules are given 
in Table XXX, hydrides in Table XXXI and oxides in Table XXXII. In 
order to simplify the discussion, the tables have been compiled according to 
the position of the element in the periodic table. Three constants (where 
known) are given for each molecule. Reading downwards these are: the 
energy of dissociation D in kcals ;_ the cquilibrium interatomic distance r, 
in A; and the frequency of vibration vy in cm—!. The energy of dissociation 
represents the difference between the limiting value of the potential energy 
at infinite separation of the nuclei and the lowest vibrational level, which 
is $hyv above the minimum value. 

It should be pointed out, that in spite of the very great importance of 
spectroscopic methods, the interpretation of the data is not always un- 
ambiguous. For example, the dissociation energy of nitrogen has at various 
times been given as 268, 220, 206, 180 and 169-7 kcals. The latter figure, 
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accepted by Herzberg? has recently been questioned by GayDon and 
PENNEY® who, by a reinterpretation of the same experimental data, arrive 
at the value 225:1 kcals. Thus of the values. of the dissociation energies of 
diatomic molecules which have been determined by spectroscopic methods, 

only about 60 out of the 250 are sufficiently accurate and unambiguous to 
be regarded as correct. It is unfortunate that carbon monoxide does not 
fall within this category since if the dissociation energy and hence the heat 
of formation of carbon monoxide were known exactly, it would be possible 
by means of the following thermochemical equations to determine accurately 
the heat of atomization of carbon which is of great importance in the 
calculation and interpretation of the bond energies of carbon compounds : 


C,.. = C 4H, 
7 = 40, 44H, 

Cae Bs 40, — CO,s 4H, 
C+ 0 = CO,, AH, 


Since 4H, and 4H, are known, an accurate knowledge of the value of 

AH, would lead to a value of 4H. 
Table XXIX. Internuclear Distances _ Lhe agreement between the data obtained 
for Halogen Molecules by spectrospcoic methods and by other physical 
= methods is found to be excellent. For example, 
Internuclear distance in Table XXIX, the values of the interatomic’ 

A distances in the molecules Cl,, Br, and I, 
Molecule —_—_——— 

Electron Obtained by spectroscopic and electron diffrac- 
diffraction tion methods are compared and the agreement 
———__|-————._ is found to be within the order of accuracy of 

Cli 199 20,  @lectron diffraction measurements, + 0-03A 

i, a6 ae Also the heat of formation of NaCl from thermo- 
———______________—_. chemical measurements is 96 kcals, close to 
the value obtained from spectroscopic data of 98 kcals. 

Some relationship must exist between the energy of dissociation, the equil- 
ibrium internuclear distance jg 
and the frequency of vibration, 
since the greater the value ofthe 60 
dissociation energy, the greater 
will be the frequency of vibra- 40 
tion and the smaller the inter- 
nuclear distance. Attempts to /0 
relate these quantities by an — 
empirical or semi-em, irical § 3100 
formula, however, have so far ~ < 
failed. 

Homonuclear diatomic molecules— 
The experimental data for 
homonuclear diatomic mole- 45 
cules are summarized in Table 
XXX and Figure 31, where it is 20 
seen that amongst elements of 
the second period there is a me 
progressive change in the values nine Minbar 


of the dissociation energy, te. Figure 31. Dissociation energies of diatomic 
the bond energy, and the homonuclear molecules 
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frequency of vibration. The values increase from Li, to C, and reach maxi- 
mum values with N, and then fall again with O, and F,. These changes are 
paralleled by the variation of the internuclear distance which is shortest in 
N,, greater in O, and C, and greater still in the cases of F, and Li,. Such 
behaviour may easily be interpreted on the basis of the molecular orbital 
treatment. The orbitals concerned in this group of molecules are the zo, yo, 
xo, wr and vm of which the Za, xo, wm orbitals are bonding and the yo and 
um orbitals antibonding. The configurations of the molecules formed by 
the second group clements is as follows : 

Li, [KK (zo) ?] 

By [KK(z0)*(y0)*(x0)% 

Cy [KK(zo)*(yo)%(x0)*(wn) 2 

Ny [KK(z0)*(y0)*(x0)*(wm) 4 

O; [KK(z0)*(y0)*(x0)*(wm) (vn)? 

Fy [XK(z0)?(yo)*(xe) (wm) *(um) 4] 
If we now assume that the_yo and vm antibonding orbitals cancel the bonding 
of the zo and wm orbitals (see Chapter 7), we see that the effective number 
of bonding orbitals in these molecules, remembering that the wa and un 
states are doubly degenerate, is: Li,, 1; B,, 1; C,,2; No, 3; O,, 2 and 
F,, 1. Thus the bond energy should increase from Li, to N, and then 
decrease to F,, which is in agreement with the spectroscopic data given below. 


Table XXX. Dissoctation Energies, Internuclear Distances and Vibration Frequencies of Homonuclear 


Diatomic Molecules 
{ 103°2 
H,< 0°74 |’ 
L 4,405 
_ (26 69 83 225°3 117‘! 72 
Li,< 2:67 | — B,< —| C,< 1°31 N.< 1:09 | O,¢ 1°21 Fix 1°45¢ 
351 — 1,641 2,360 1,580 — 
17°8 116 <83 5771 
Na,< 3°08 | — = = P,4 1°89 S24 1°89 Cl, 4 1-99 
159 780 726 565 
118 (90-8 65 45°4 
K.{ 38 — — _ As,< — Serf 216 Br a8 
93 L429 392 323 
Tied 2°1 69 53 356 
Rb | — Cd,< — — — Sb,< — Tead Bs I,< 2°67 
57 — 270 252 214 
10°4 1"4 (14) |  ( 39°6 
o,f = — Heed 33 ai Pb, < — Bd = ~. — 
42 36 = 174 
_The figures, reading from top to bottom, are the dissociation energy in kcals, internuclear distance in A and 
vibration frequency incm='; ¢ signifies that the internuclear distance has been measured by electron diffraction 


It is particularly interesting in this connection to notice that the dis- 
sociation energies of F,, OQ, and Ng are very nearly in the ratio 1:2: 3. 
If we compare the properties of Li, and F, each of which have a single 
effective bond we should perhaps expect that owing to the increased elec- 
tronic repulsion in F,, the dissociation energy of Li, might be greater than 
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that of F, ; actually this is not found to be the case, the bond in Li, being 
weaker: D = 26 kcals ; r, = 2-67 A, than that in F,: D = 64 kcals; 1, 
= 145A. The reason for this behaviour must lie in the difference of the 
two konding orbitals, that in Li, being a zo orbital (i.e o 25), whereas in 
F, the effective bonding orbital is the xo (t.e. o2p,). The much greater 
overlap possible with p orbitals compared with an s orbital causes the 
difference in bond strength’. In this connection it is interesting te note the 
marked similarity in the values of the dissociation energies of F, and B,, 
since in both molecules the effective bonding orbital is the xo. A similar 
gradation of properties occurs amongst the elements of the succeeding 
periods of the periodic table. In every case the maximum values of the 
dissociation energy and of the vibration frequency, and the minimum 
values of the internuclear distances are observed with the elements of the 
fifth group, where the number of effective bonding orbitals has a maximum 
value and the molecules may be regarded as containing a triple bond. The 
shortest single bond is that occurring in H,: D = 1032 kcals, r= 0°74 A, 
v = 4,405 cm™}, in which there are only two electrons, both existing in a 
bonding orbital. 

The absence of diatomic homonuclear molecules of the second group 
(Be,, Mg,, Gay, Gr;, and Ba.) is understandable in view of the fact that 
in the single atoms there are no unpaired electrons. The electronic con- 
figuration of Be,, for example, would be: [KK(zc)?(yo)?] in which the 
bonding effect of the zo orbital is cancelled by the antibonding effect of 
the yo orbital and no molecule 1s formed. In order for a molecule to be 
formed an atomic s electron would have to be excited to a p state so 
that the molecule formed would have the configuration Be, [KK(zo)?(xa)?] 
in which both the zo and xo are bonding orbitals. The excitation energy 
involved, however, is too great to be compensated by the bond energy and 
such molecules are not therefore formed. 

Hydrides— The experimental data for the diatomic hydrides are sum- 
marized in Table XXXIJ. In LiH, the internuclear distance is much less than 
in Li, which may be attributed to the fact that there is only one inner 
complete shell, that of lithium. In addition to the homopolar valence bond 
structure Li—H, the ionic form Lit H~ makes an important contribution 
to the resulting state of the molecule and will thus increase its stability. 
The reason for the existence of a negative charge on the hydrogen, which 
is unusual, is that the ionization potential of hydrogen, 312 kcals, is much 
greater that that of lithium, 123 kcals, and that hydrogen possesses a small, 
but significant electron affinity of 16-4 kcals compared with the zero 
electron affinity of lithium. These data all tend to show that the ionic form 
Lit H- is more probable than the alternative structure Li- Ht. The 
energy of dissociation is found to decrease progressively in the alkali metal 
hydrides from LiH to CsH, but the decrease is only from 58 kcals, in the 
case of LiH to 41 kcals for CsH, compared with the corresponding decrease 
from 26 kcals to 10-4 kcals in the homonuclear diatomic molecules (see 
Table XXX). The smaller proportional decrease in the hydrides may be 
attributed to the decrease in the ionization potential from lithium, 123-5 kcals, 
to caesium, 89-2 kcals, with the corresponding increase in the contribution 
of the ionic form Cs+ H~ to the state of the molecule. 

The hydrides of the second group of elements can only be formed by the 
initial excitation of an s electron to a # state. It will be noticed that the 
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vibrational frequencies are noticeably greater and the internuclear distances 
less than in the corresponding hydrides of the alkali mecals, a fact which 
may be attributed to the stronger bonding of a p compared with an s electron. 
But it is important to note that even so, the dissociation energies of corre- 
sponding elements of the two groups of compounds are very similar. This 
is due to the fact that energy is required to produce the initial excitation 
of the atoms from the s? to the sp state and the observed value of the dis- 
sociation energy represents the difference between the true dissociation 
energy and that required for the excitation of the atom. 

In boron hydride there is a noticeable strengthening of the bond compared 
with lithium and beryllium hydrides and the dissociation energy continues 
to increase in the series BH, CH, NH, OH, and HF. For boron and carbon 
hydrides, this increase of bond energy compared with the corresponding 
hydrides of the first and second groups will be due to the fact that the bond 
is formed by an unpaired # electron with a greater overlap with an s orbital 
compared with the extent of overlap of two s orbitals. The continued 
increase of the strength of the bond in the nitrogen, oxygen and fluorine 
compounds will be due to an increasing contribution of the ionic state to 
the resonance of the molecule. 

In the halogen group, the dissociation energy decreases from 104 kcals 
in HF to 63-4 kcals in HI. This is a much greater relative decrease than in 
the corresponding alkali metals where the decrease is from 58 kcals in LiH 
to 41 kcals in CsH. This is due to the fact that whereas the contribution of 
the ionic form M+H- to the molecular state increases from lithium to 
calcium hydride, owing to the increasing electro positive character of the 
metal, the contribution of the ionic state H+ Hal- to the halogen hydrides 
decreases from F to I, owing to the decreasing electronegativity of the 
halogen. 

Oxides and Nitrides— It is unfortunate that most of the dissociation energies 
of the oxides are not known with sufficient exactitude to permit any systematic 
study. However, on the basis of the data given in Table XXXII, it is possible 
to make a few tentative conclusions. The dissociation energies of the oxides 
are noticeably greater than those of the hydrides as is to be expected from 
the fact that the bond will largely possess double bond character and that 
there will be a considerable contribution to the state of the molecule from 
ionic forms. The shortest internuclear distances occur with the oxides of 
the fourth group elements of the periodic table : CO, SiO, etc, a fact which 
may be explained in the same way as the similar property of the homonuclear 
molecules of the fitth group Ng, P,, efc, with which they are isoelectronic. 
Thus, employing the molecular orbital treatment, the maximum number 
of six bonding electrons in three molecular orbitals is characteristic of both 
groups of molecules, or in terms of the localized electron pair theory, reson- 
ance between three valence bond structures occurs : 

A=O At — O- -=Otr 
Since the ionic structures will make a greater contribution in the oxides 
than in the homonuclear atoms, the fact that the oxides of the group 
four elements have greater dissociation energies than the correspond- 
ing homonuclear molecules of the group five elements 1.e. Doo>Dry,, 
Deo >Dp, etc, is explained. 

The ionization potentials of the elements of group four decrease from 
carbon to lead and it would be anticipated that the contribution of 
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the form A~=O+ de- Table XXXIII, Dissoctation Energies, Internuclear Distances and 
creases in the same Vibration Frequencies of Diatomte Nitrides 


order. Thus in PbO the 


Taye 92 (175) 22571 150 ! 
main contribution tothe py J 7" jon ag N,4 109 |NOQ 115 
molecule will come from 2,360 1,906 
the structures Pb=O 


and Pb+—O-. a, {| 104 138 115 
Very little data have SiN 3p Ps 4 suf 
so far been obtained for 2 bas 
the nitrides and_ the 115 
known values are given AsN 4 — 
in Table XXXIII. An = | 58 
interesting comparison SbN<{ — jean] © 
may be made between = os 


the three compounds ee 
CN, Ne and NO which The figures reading from top to bottom are the dissociation energy in 


contain 13, 14 and 15 keals, internuclear distance in A and vibration frequency in cm7~! 
electrons respectively. The electron configurations of these molecules is 
as follows : 


CN [AK (za)*(yo)?(x0)?(wr)*] 
Ny [KA(z0)*(yo)?(xo)?(w7) 4) 
NO [K&(z0)?(yo)*(x0)?(wz) “(u7)] 


The maximum number of bonding orbitals is present in N, (six electrons in 
three bonding orbitals) and in this molecule the dissociation energy and the 
vibration frequency are greater and the internuclear distance smaller, than 
in the other two atoms. The existence of an additional electron in the anti- 
bonding orbital um in NO decreases the dissociation energy by 75:1 kcals 
whereas the absence of an electron in the bonding orbital wz only decreases 


Table XXXIV. Dissociation Energies, Internuclear Distances as Pare Y st au 
and Vibration Frequencies for Some Diatomic Molecules and the UMiortunately simular be- 
Corresponding Molecular Ions haviour 1s not observed in 


the case of SiN, PN and NS, 


103°2 61:07 256°1 189 if the most recent data is 
H,4 0°74 | H,t4 1-06 | CO4 113 ((CO)*4 1-11 ~~ considered, and it may be 


4,405 2,297 | 2,168 2,21¥ suggested only tentatively 


2251 (201-3 | (150) = that the presence of an 
N,< 10g |Ngt¥ r-r2) |) NO<aarr |(NO)+¢ (1-07) electron in an antibonding 
2,360 2,207 || 2,211 = orbital has a greater rela- 


lige es sass 104 tive effect than an electron 

O,4 121 |O,t¢ 12 | HCl< 1-27. |(HCI)+ < — ina bonding orbital. 
1,580 1,876 | 2,989 — Molecular tons— The data 
3 6 . - for some diatomic mole- 
go" 4 o 3 : a 
— lasyty— | crf (CH) + {= eile ner 
429 314 | 284 ing molecular ions, given 
| in Table XXAIV, show 
74 that in certain cases the 
— strength of the bond in the 
ion is stronger and in others 
The figures reading from top to bottom are the dissociation energy weaker than in the coe 
in keals, internuclear distance in A and vibration frequency in cm! sponding molecule. This 


| 

57:08 97 53 

Cl,4 1:99 |Cl,*+4 1-89 | BeH4 1-34 | (BeH)t 
565 645 2,058 


ue 
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apparently anomalous behaviour, however, may be explained by the sequence 
of molecular orbitals. The bond in H,* is much weaker than in H,, since 
in the ion there is only one bonding electron, whereas in the molecule there 
are two. Similarly there are six bonding electrons in N,, as shown by its 
electronic configuration 


Ny [AK (z0)*(yo)?(xo)*(wa) 4] 
Not [KK (z0)?(yo)?(x0)?(war) 9] 
but only five in the ion N,*, thus explaining the weaker bond in the latter. 
A similar argument will apply to As, and As,+. The case of CO and COt 
has already been discussed in Chapter 7, but it should be pointed out that 
although the internuclear distance decreases and the vibration frequency 
increases on formation of the ion, indicating a strengthening of the bond, 
the dissociation energy has decreased considerably. 
With O, and Cl, the position is reversed and the bond in the ion 1s 
markedly stronger than in the neutral molecule as indicated by the increase 
in dissociation energy, decrease of internuclear distance and increase of 


vibrational frequency. The electronic configuration of these molecules and 
the corresponding ions is : 


O, [KK(z0)*(yo)?(xo)?(wa) (or)? 

O,* [KK (zo) *( yo) ?(x0)?(w7) fom) ] 

Cl, [KKLL(z0)*(yo)*(xo)?(w7) (v7) 4] 

Cl,+ [KKLL(z0)?(yo)?(x0)?(wa)*(ur)*] 
It is seen that, in both cases, on ionization an electron in the antibonding uz 
orbital is lost, and the bond strength is increased as shown by the experi- 
mental data. According to this argument the addition of an electron to O, 
to give the ion O,-, will bring about a weakening of the bond, since the 
additional electron must enter an antibonding orbital. The energy of the 
reaction O, = O + O- may be calculated from the dissociation energy of 
O,, 117:2 kcals, the electron affinity of the,oxygen atom, 71 kcals, and the 
electron affinity of O,. The value for the latter has been given as 62 kcals 
by Werss® and as 18 kcals by KAZARNOvsKyY®. The latter figure is probably 
the more accurate since it has been obtained from the lattice energy of 
crystalline KO, which consists of K+ and O,~ ions, whereas the calculation 
of Weiss involves certain assumptions concerning the value of the heats of 
hydration of ions. Using these values, the dissociation energy of O,~ is 64 kcals. 
Thus it is seen again (compare with NO) that the addition of an electron 
in an antibonding orbital weakens the bond more than the loss of an 
electron formerly in an antibonding orbital. 

For NO+ only the internuclear distance is at present known. The value 

is less than for the neutral molecule, thus suggesting a stronger bond in 
NO+ than in NO, in agreement with the molecular orbital formula 


NO [KK(zo)?(ya)#(xo)?(w7)4(v7)] 
NO+ [KK(zo)?(yo)?(xo)?(wz) 4] 


which indicates the absence in the ion, of an electron in the vm antibonding 
orbital. 

The experimental data for the hydride ions is as yet insufficient for dis- 
cussion and furthermore, the electronic arrangement in the molecular 
orbitals is still somewhat in doubt. 
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Isotopic molecules— The determination, by spectroscopic methods, of the 
molecular constants of molecules and their analogues containing an isotope, 
gives interesting information concerning the dependencc of these constants 
on atomic mass. The greatest amount of data has been accumulated using 
one of the isotopes of hydrogen, deuterium of atomic weight 2, and these 
data are summarized in Table XXXV. It is clear that those properties 
which depend only on the electronic configuration and nuclear charge and 
are independent of mass, remain almost unaltered when deuterium is 


Table XXXV. Molecular Constants of Some Hydrides and Deuterides 


Reduced Dissociation | Zero-point| Inter- | Moment of | Force | Vibrational 
Molecule mass enerey energy* nuclear | inertia constant | frequency 
(atomic untts) kca keals a a ! cm—} 
103°22 6-18 0:74 4,405 
104-02 5°36 0°74 3,817 
10502 4°39 0°74 3,119 
(58) 1°99 1-60 1,405 
(58) ; 051 1-60 1,065 
47 1-66 1:89 1,170 
(51) 117 1:89 825 
80 4:01 1-12 2,824 
81 2°96 oo 2,073 
101 5°29 0°97 3,728 
103°0 — 0°97 — — — 
102°1 4°21 1°27 2°61 51 2,989 
103°4 3°03 1°27 5°08 = (2,091) 
63°4 3°24 1-61 4°31 3°11 2,309 
6°45 | 2°31 — — _— —_— 


© Certain values of the zero-point energy have been calculated with allowance for the anharmonicity, by 
the formula E, —/v, (3 - $a) 


substituted for hydrogen. Properties dependent on mass, such as internuclear 
distance and force constant, however, change considerably on such sub- 
stitution. The moment of inertia J is related to the reduced mass m by: 


T= mr? = "i _ 2 eee) 
are (8.4) 
and values for the deuterides are almost double those for the corresponding 
hydrides. The frequency of vibration will be expressed by v = (k/m)*/27 
where & is the force constant. This expression is obtained by combining 
equation 1.27 with 1.12 and 1.13, the displacement in this case referring to 
that of an harmonic oscillator and the mass m to the reduced mass. 


AT = 3,in atomic units, and for D,, m = 22 = 
I+ 1 2-+ 2 

Thus the vibrational frequency in H, will be 4/2 times greater than in D, 
in agreement with the experimental data. This difference in the value of 
the vibrational frequency also effects the zero-point energy, with the result 
that D,, which has the lower frequency of vibration, has a ground energy 
state which is 1°79 kcals below that of H,. The difference in the dis- 
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sociation energies 1s therefore due to the difference in the zero point energies, 
the addition of these two quantities giving the values 109-40 kcals in the 
case of H, and 109-41 kcals for D,. For a similar reason the energy of 
activation in chemical reactions involving deuterium is greater than that 
of the corresponding reactions involving hydrogen. In addition to the 
influence of the lower ground energy level of deuterium, however, the velocity 
of the reaction will also be reduced by the smaller velocity of the heavier 
deuterium molecules. 

The differences in molecular properties for the isotopes of other elements 
is less marked than in the case of H, and D, where the ratio of the isotopic 
weights, with the exception of the case of hydrogen and tritium, is a 
maximum. 


ORTHO AND PARA HYDROGEN 


In 1927 HEIsENBERG!® and Hunpb!! deduced, by the methods of wave 
mechanics, that pure hydrogen is a mixture of two different types of mole- 
cules. This apparently surprising result is due to the fact that spin is not 
only a property of electrons, but of protons and neutronsalso. Inthe molecule 
of hydrogen, therefore, two orientations of nuclear spin are possible, 
the antiparallel | ¢ and the parallel | |. Corresponding to these two 
orientations, there are two distinct forms of molecular hydrogen ; that with 
antiparallel spins is called parahydrogen and that with parallel spins, 
orthohydrogen. By means of this theory it was possible to explain the 
alternating intensity of the rotational fine structure in the spectrum of H, 
observed by Mecke?!* in 1924 and also the temperature variation of the 
heat capacity of hydrogen?*. It was a triumph for the quantum theory 
when in 1929, BONHOEFFER and Harteck!4, and EucKk—eNn and Hitter? 
were able to produce direct experimental evidence for the existence of these 
two forms. A detailed description of this work is given in the monograph 
of Farxas!®, 

The complete wave function of the hydrogen molecule must describe 
the electronic orbital motion, the electronic spin orientation, the vibration 
of the nuclei, the rotation of the nuclei and the nuclear spin orientation. 
As a first approximation the various forms of motion must be considered as 
being independent of each other and the complete wave function may thus 
be represented as the product of five separate functions : 


l 2 3 f 4) 
pe ( electronic | eget eree spin) ( nuclear pect eee ‘ie 


orbital motion orientation vibration /\ rotation / \ orientation 


For the normal electronic state of the molecule, since Pauli’s principle must 
be obeyed, the entire function must be antisymmetric in the two electrons, 
1.¢. when the electrons are transposed, the sign of the wave function must 
change. Let us consider the symmetry of each of the above five wave 
functions with reference to the two electrons. The electron orbital motion 
function is (see Chapter 3), 


Py = Pall) Yo(2) + fo(1) Po(2) -.+-(8.10) 
which on transposition of the electrons gives 
Py" = Pa(2) po(1) + fo(2) p.(1) »++-(8.11) 
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and hence 

py = of,’ Sh pete) 
and the function is symmetric. The electronic spin function ts antisymmetric 
and the nuclear vibration function, the nuclear rotation function and the 
nuclear spin orientation are independent of the electrons and hence sym- 
metric. The signs of the various functions after transposition of the electrons 
will therefore be : 

1 2 3 4 #6 
Gey) Cr) a) =) 

The complete wave function, ¢, of the molecule is thus antisymmetric as 
required by Pauli’s principle. 

The Pauli principle must also apply to the nuclei so that the trans- 
position of the nuclei must lead to an antisymimetric function. Let us now 
consider the symmetry character of these functions with respect to the 
nuclei. Transposition of the nuclei in equation 8.10 gives : 


py" = Pol) fo(2) + fo(1) o(2) ..+ (8.13) 


(note that the subscripts a and 6 have been transposed and not the numerals 
as in expression 8.11). Again ¥%, = ¥,"’ and the electron orbital motion 
function is symmetric with reference to the nuclei. The electron spin 
function is independent of the nuclei and consequently symmetric. The 
nuclear vibration function will be symmetric for all vibrational states, inas- 
much as the variable 7, the internuclear distance, 1s unchanged on trans- 
posing the nuclei. The nuclear rotation and nuclear spin functions may be 
either symmetric or antisymmetric with reference to the nuclei. If one 1s 
symmetric then the other must be antisymmetric in order to produce a 
complete wave function that is antisymmetric. The theory of spin functions 
has already been discussed in connection with the spin of electrons and the 
same argument may be applied to protons (see Chapter 3). If the spins 
are oriented in an antiparallel manner as in parahydrogen then we have an 
antisymmetric function, 


a(1) (2) — B(1)a(2) (8.14) 
where the symbol a(1) 8(2) indicates that proton (1) has a spin of + } and 
the proton (2) has a spin of — 3. The nuclear rotation function must in this 
case, be symmetric and on interchange of the nuclei we have the following 


distribution of the signs of the functions : 
2 


1} 2 3 4 #65 
ey Ce) r=) =) 
the full wave function ¢ thus being antisymmetric. When there is a parallel 
orientation of the spins of the protons (orthohydrogen) there are three 
symmetrical spin functions (see Chapter 3) u1z 
a(1)a(2) | 
B(1) B(2) ? » ++ (8.15) 
a(1)B(2) + B(1)a(2) J 
The nuclear rotation function must now be antisymmetric and hence 


transposition of the nuclei must give rise to the following arrangement of 
the signs of the functions : 


1 2 3 4 5 
re) a) St) 
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The solution of the Schrédinger equation for a rotating diatomic molecule 
shows that interchange of the two nuclei causes a change of sign if the 
rotational quantum number 7, is odd and leaves the function unchanged 
if 7 is even. Thus the rotational wave function is symmetric when 
F = 09, 2, 4, 6, ete and antisymmetric when 7 = 1, 3, 5, 7, etc. The energy 
of rotation is given by 


Ez = FF + VhP2/8r2 ....(8.3) 
which may be conveniently written for the present purpose as : 
BFy3=F(F+tVB .... (8.16) 
where 
B = h?/87?I 


Thus molecules of parahydrogen have values of the rotational energy 
equivalent to: 
0 2 4 6 8 
E; 0 6B 20B 42B 72B 


and orthohydrogen may have the energy values : 
J i 3 5 7 Oo awe 
E; 2B 12B 308 56B 908 ..--- 


The ortho and para forms of hydrogen thus possess different amounts of 
rotational energy (Table XXXVIJI, columns 2 and 3) and consequently 
different heat capacities since C = = Therefore properties depending on 
the specific heat, such as thermal conductivity, will not be identical in the 
two forms and the method of their identification depends on this fact. 

At each temperature there will be a thermodynamic equilibrium between 
the two forms. At the absolute zero, the molecules must be located at the 
lowest energy level, i.e. 7 = 0, so that only the para modification is stable. 
At higher temperatures molecules may exist in both odd and even energy 
levels and in consequence both forms exist. The thermodynamic equilibrium 
between the two forms is governed by the Boltzmann distribution law. 
According to this law, the fraction of molecules NV; of the total number V9 
in the rotational state 7 is given by : 


Nz = N,pyexp (—E3/kT) .... (8.17) 
where fp; is the statistical weight t.e. degeneracy and £7; the energy of the 


rotational state 7. In determining the statistical weight of each state it is 
necessary to consider separate degeneracies. Thus 


PI = Birr X Lspin Se GRe (8.18) 
Each rotational state will have 27 + 1 orientations of the angular momentum 
in an applied field wz: + 7, + J —1, -:+ O, cree »>—-Jt+i, —F, te. 

Sqn = 2741 .... (8.19) 
For the spin degeneracy we have seen that for the antiparallel form (para- 
hydrogen) there is only one spin function (8.14) which corresponds to a 
value Ls = 0 (equation 3.113). For the parallel form (orthohydrogen) 
there are three spin functions (8.15) corresponding to the values of Zs of 
+1, — 1, and o (equations 3.114, 3.115, 3.116 et seg). Thus the statistical 
weight of states corresponding to even values of 7 is : 


PF even = 27 + ] coe . (8.20) 
160 


SPECTRA OF DIATOMIC MOLECULES 


and to odd values of 7 

Pjodd = 3(27 + 1) .... (8.21) 
The ratio of the number of molecules of parahydrogen to the number of 
molecules of orthohydrogen thus may be written : 


7 cory Sea. | — EyfkT ) ee aaa (— HF + BIRT ) 

oH] 6, exp (— Ex/kT) -E3(27 +1) exp (— FF + BET ) 
Jui, 57... JTSG, 7... 

.... (8.22) 


For the lowest level, 7 = 0 and (27 + 1) exp ( —F(F + 1) B/kT ) becomes 1; 


for J = 1,3(27 +1) exp ( —FJ(F truyB/kT ) becomes 9 exp ( — 2B/kT ) etc 
and hence 


1 + Sexp(— 6B/kT ) + 9exp(— 20B/kT ) + 13exp( — 42B/kT ) 3--- 


—_ 


33 exp (— 2B/kT ) + Texp (— 12B/kT ) + ll exp(— 30B/kT ) + ~ 
J Ox22) 


At high temperatures 8 is very small compared with £T and B = 1/3. 
Thus the ratio is determined only by the statistical weights due to nuclear 
spin. The value of B may be obtained from spectroscopic data and is 
1'tg X 10714 gmcm? sec~*, The values of B calculated according to 
equation 8.23 at various temperatures together with the percentage of 
yarahydrogen are given in Table XXXVI. 

At room temperature Table XXXVI, Percentage of Parahydrogen at Various Temperatures 
ordinary hydrogen is an]. ——————_—___—_~__ = 


equilibrium MIXture, ox! B | Parahydrogen T°R B | Parahydrogen 


containing 25 per cent per cent | | per cent 
of para and 75 per cent } | — ~~ 
of orthohydrogen mole- pore ae 0°6262 | 38'5! 

‘0: 59 | 0°3994 | 20°54 
cules. The transfer of 96°98 Bio onsen) aad 
one modification to the 
other does not generally 8861 | 273. | 03357; 25713 
take place spontaneous- es | 0°3333 | 25:00 


ly, but is a very slow 
process. This is ex- 
plained by the fact that the transfer from an even to an odd rotational level 
is accompanied by a change in the spin orientation, and according to 
WicNeER! the probability of the transference occurring by the absorption of 
light radiation is insignificantly small. ‘Thus when normal hydrogen is 
cooled, the original ratio of the ortho to the para form is maintained although 
the proportion of parahydrogen must increase slowly as the system is not in 
thermodynamic equilibrium. It was this constant rauo of the two forms 
that permitted DeNnison?3 to explain the temperature change of the heat 
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Table XXXVII, Rotational Energy of Hydrogen capacity of hydrogen. In 
[2 - a Table XXXVII are given 
ure ure squilibrium| Normal the energy of rotation of 

T°A | parahydrogen | orthohydrogen| mixture hydrogen 
keals keals keals keals the ortho and para forms 
nae | sttogether with that of the 
O 0°00 83 7°17 0-00 25288 equilibrium mixture and 
20 G-00 ie re: 25288 of normal hydrogen. Even 
50 oe 4 ‘3 25294 at the absolute zero of 

100 0°56 8: 219°78 262°1 

| ore Soe 4 f temperature, therefore, 
200 290°22 393°59 366-76 367-75 both modifications exist 
273°1 | 473°34 502-16 49484 | 49491 although thermodynamic- 
ago | orate 546:92 54746 | 54247 ally orthohydrogen should 


have all passed into the 
para form. Each modification will be in the lowest possible energy state, 
1.¢. J = 1 for orthohydrogen and 7 = o for parahydrogen. The presence 
of the orthohydrogen at the absolute zero produces a residual entropy of 
4:39 kcals/degree/gm mol. 

The rate of conversion of orthohydrogen into parahydrogen may be 
accelerated by a catalyst such as active carbon, or paramagnetic ions and 
molecules. In the last case the transformation is presumably produced by 
the change of the spin orientation under the influence of the very strong 
heterogeneous magnetic field operating in the vicinity of the ion or molecule. 
This fact has becn used to determine the paramagnetic susceptibility and 
to detect free radicals. 

Ortho and para forms are known for the molecules D,, Ns, Cl,°° and 
Br,‘? in addition to H),. 
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VIBRATIONAL FREQUENCIES AND INTER- 
ATOMIC DISTANCES IN POLYATOMIC 
MOLECULES 


RAMAN, MANDELSTAM AND LANDSBERG EFFECTS 


THE ANALYsIs of the spectrum of a polyatomic molecule presents many 
difficulties since the motion of the nuclei in such a molecule is invariably 
complex. Ifthe molecule consists of n atoms, each atom has three degrees 
of freedom and hence the total number of degrees of freedom of motion in 
space will be gn. Of these, three will represent the translational motion of 
the molecule in space and another three will describe the rotation of the 
molecule about three mutually perpendicular axes. The remaining 3n-6 
degrees of freedom will be associated with the motions of the atoms relative 
to each other, which involve neither a translation nor a rotation of the 
molecule. There are therefore 3n-6 vibrational degrees of freedom, which 
will correspond to 3n-6 fundamental modes of vibration of the system. In 
the particular case of the linear molecule, e.g. diatomic molecules and such 
polyatomic molecules as CO, and C,H,, there are only two degrees of 
rotational freedom, that about the axis joining the nuclei and that about 
an axis perpendicular to the line of centres ; the number of vibrational 
degrees of freedom will therefore be 3n-5. The energy levels of the molecule 
will be obtained by adding the energies of the 3n-6, or 3n—5 if the molecule 
is linear, independent oscillating systems. 

For the majority of simple molecules the normal modes of vibration may 
be obtained by a straightforward, if tedious, procedure and the motion of 
the atoms relative to each other obtained. In certain cases several normal 
modes possess the same frequency and the system is degenerate ; this point 
will be discussed later when we consider specific molecules. 

The oscillations of a polyatomic molecule may be divided into two types. 
First, the valency oscillation in which the atoms move in the direction of 
the line joining the two nuclei and in which only the internuclear distance 
changes during the course of the vibration. Secondly, the deformation 
oscillation in which the valency angle changes. Clearly diatomic molecules 
can only show vibrations of the valency type. 

The multiplicity of the modes of vibration and rotation considerably 
complicates the interpretation of experimental data, and little progress has 
so far been made with the analysis of the electronic spectra of polyatomic 
molecules. The study of vibrational-rotational (infra-red) spectra is less 
difficult and has led to the determination of interatomic distances, valency 
angles and vibrational frequencies of some of the simpler polyatomic 
molecules. 

The application and scope of infra-red spectra was considerably extended 
by the discovery by RamMAN and KrisHNAN and independently of them by 
LANDSBERG and MANDELSTAM, of what is now known as the Raman effect. 
When a beam of light passes through a gas, liquid or transparent solid, 
part of the light is scattered in all directions and if the incident light has a 
line spectrum, it is found that the scattered light contains exactly the same 
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frequencies as the incident beam. This scattering is termed Rayleigh 
scattering. However, on closer examination, by taking a spectrogram in 
which the lines due to Rayleigh scattering are strongly over exposed, some 
weak additional lines are found which do not appear in the line spectrum 
of the incident light. An examination of the frequency of the additional 
lines shows that each one of the original lines is accompanied by one or 
more lines of weak intensity and furthermore that the difference, 4 v, between 
the original frequency v, and the frequency of the additional Raman line, 
v,1s independent of vgand dependent only on the nature of the scattering 
substance. 

If Ey be the energy of the molecule before illumination by the incident 
radiation, then absorption of a light quantum hy produces a change in 
the molecule to an excited state with energy E, : 

E, = Eg + hvo ....(Q.1) 
The molecule may now either return to the original level by emitting a 
quantum Avo, or return to another level with energy £, by the emission of 
a quantum hvy,. Thus: 


Eg thy = Ey +h, iciweti (Ou) 
E, — Ep = hvg — hv, = hd <asx (0.3) 


The resultant effect of the series of changes represented by equations 9.1 
and g.2 is the same as if the molecule, in the original state 

E,——1—_1+—— with energy Ey, had absorbed a quantum 4» and had 
thereby becn transferred from the E, to the £, energy level! 
(see Figure 32). Raman spectra may be divided into two 

. classes, large Raman displacements in which it ts found 
ae that the value of 4 » corresponds exactly with the frequencies 
| of band heads in the vibration-rotation spectrum, and 


or 


smal] Raman displacements in which the value of 4 v agrees 

' ir ae exactly with the frequencies of the lines in the far infra-red, 

BE 1+. rotational spectrum. Thus both vibrational and rotational 

. transitions may be studied by means of the Raman spectrum 

‘A Siam a and since 4 y is independent of the frequency of the incident 

Raman efect | Tadiation, the measurements may be made in the visible 

part of the spectrum. The infra-red and Raman spectra 

are not, however, identical since the transitions which occur and which are 

responsible for the two different types of spectra are governed by different 
selection rules in the two cases. 

In addition to the frequency v, of the Raman line, which is smaller 

than that of the incident radiation vp, there is also a frequency vy, which 


is greater than vp such that 

Va — Vg == Myo — y sees Oa) 
This means that a quantum of light Av, greater than the absorbed quantum 
hvo, has been emitted. The explanation of this process is that the molecule 
was originally in an excited state and returned to a lower energy level 
after the absorption of light. The lines of smaller frequency than the 
incident radiation, which will be on the red side of the original line, are 
termed Stoke’s lines, whereas the lines of higher frequency, which will be 
displaced in the direction of the violet part of the spectrum are termed 
anti-Stoke’s lines. The intensity of the anti-Stoke’s lines is much less than 
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that of the corresponding Stoke’s lines, since it 1s less probable that the 
molecule will be initially in an excited state than in the ground state. 
The number of molecules in the ground state, with energy Ey and in an 
excited state with energy £, 1s governed by Boltzmann’s law and the 
intensities of the Stoke’s and anti-Stoke’s lines is given by the approximate 
relation, 


TD onti-Stota's| 4 store's = Nx/N x, = exp[ — (£, — Ey) /KT] = exp (— Ad vf{kT) 


speek O5) 

Certain aspects of infra-red and Raman spectra may be explained on 
the basis of the classical theory of light absorption and scattering. In 
order to interact with a stream of electromagnetic waves, a molecule must 
produce an oscillating electric field. Such homopolar molecules as H, and 
O, have no permanent dipole moment and hence during rotation and 
vibration no fluctuating field is produced. Thus homopolar molecules do 
not yield a rotation or a vibration-rotation spectrum. Molecules possessing 
a permanent dipole moment, however, will form a fluctuating electric 
field during vibration and rotation and therefore give infra-red spectra. 
It is possible that a molecule in its equilibrium position may have no 
permanent dipole moment but that on vibration a dipole is produced. 
This type of behaviour occurs in carbon dioxide. This molecule is linear 
and although each individual carbon-oxygen bond is polar, t.e. there is an 
equal negative charge on both oxygen atoms, the centres of gravity of the 
positive and negative charges are at the same point and the molecule as 
a whole is non-polar. 

Let us now consider in detail the possible modes of vibration of the 
carbon dioxide molecule. In the deformation vibration, the carbon atom 
is displaced away from the axis of the molecule in one direction and the 
oxygen atoms are displaced in the opposite direction (see Figure 33). 

Eguilidrium te ae 


Position 


Oisptocement Positions 


Figure 33. Deformation vibration of carbon dioxide 


The previously linear molecuie is now bent and the O—C—O angle is no 
longer 180°. After attaining maximum displacement, the carbon and 
oxygen atoms return to the axis and are displaced in the opposite directions 
to those of the initial displacements. During the course of this vibration 
the centres of gravity of the positive and negative charges separate and a 
periodically changing dipole moment is produced. Light radiation of 
corresponding frequency may therefore be absorbed or emitted and this 
particular mode of vibration of the carbon dioxide molecule produces an 
infra-red spectrum. In the other two possible modes of vibration of the 
carbon dioxide molecule the molecule remains linear. In the first case 
(see Figure 34) both oxygen atoms move away from the central carbon 
atom along the molecular axis and then, after reaching maximum displace- 
ment, move back towards the carbon molecule. During the course of this 
symmetrical vibration no change of dipole moment is produced, the 
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molecule remaining linear and symmetrical. This mode of vibration 
therefore does not produce an infra-red spectrum. The third possible mode 


o——_®——0  +0O———@——0> 0+—e---<0 


Eguilibrium Se O-—®—0 
Position Displocement Positions 


Figure 34. Symmetrical valency vibrations of carbon dioxide 


of vibration in the carbon dioxide molecule is shown in Figure 35, in 
which the molecule remains linear, but the vibration is not symmetrical, 
the carbon atom approaching one oxygen atom whilst receding from the 
other. This non-symmetrical vibration will give rise to a varying dipole 
moment and hence give an infra-red spectrum. 

Whether or not a particular vibration gives a Raman spectrum depends 
on a different basis. Under the influence of the incident radiation the 
molecule is polarized and executes forced vibrations. If a molecule is 


Oo -0———_O Oo-—__@—-—_O-> ++O———-@-—>«—0 
Eguilibrium O-—-®-—————_-O O—————_-0—_O0 
Position Displocement Positions 


Figure 35. Nonesymmetrical valency vibrations of carbon dioxide 


introduced into an electric field F, an electric dipole is induced into the 
system. ‘The resulting dipole moment m is proportional to the strength of 
the field F and hence we may write, 


m = aF ....(9.6) 


where a is termed the polarizability. The varying electric field due to a 
light wave of frequency vp is given by 


F = Fy cos 27 vot ..++(9-7) 
where ¢ is the time. From equations 9.6 and g.7 it follows that, 
m = af) cos 27 vot ....(9.8) 


During the course of the vibration, the internuclear distance, and conse- 
ouently the forces acting on the electrons, change. There is therefore no 
reason why we should assume that a remains constant during the vibration 
and to a first approximation for small displacements, we may write 

a=a)+a,x ..++ (9.9) 
where ag is the polarizability in the equilibrium position and a,x represents 
the change in polarizability during the course of the vibration where x is 
the displacement. For small displacements the molecule may be assumed 
to execute harmonic vibrations and consequently 


x = xX, Cos 2Zrvyt ».++(Q9.10) 
where v, is the vibrational frequency of the molecule. From equations 
9.8, 9.9 and 9.10 we obtain 

m = [ag + a,x Cos 277, t]Fy cos 27 vot 


= ag) cos 2m vot + a,F x9 Cos 27 ryt. Cos 27 vot w+ (9-11) 
and employing the well known trigonometrical expression 
cos acos B = }cos (a + 8) +4 cos (a — 8) ...- (9.12) 
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we obtain 
M = aol) Cos 2m vt + 4 al org CoS 27( vy + v,)E 

+ $a, org cos 2a( vg — vy)E 0859.53) 
Thus it is seen that m varices not only with vp, the frequency of the incident 
light, but also with the frequencies v9 + ¥, and vg — ¥,. The molecule 
will therefore emit radiation, not only with the frequency equivalent to 
the frequency of the absorbed radiation, but also with frequencies vg + », 
and vy — v,. This elementary treatment of the Raman effect shows that 
the appearance of Raman lines is to be associated with a change of 
polarizability during oscillation. A more detailed treatment of the Raman 
effect involves the use of a more complex expression than 9.9 for the 
variation of a. 

If we now return to a further consideration of the symmetrical vibration 
of the carbon dioxide molecule (see Figure 34), it is seen that during the 
course of the vibration the carbon-oxygen distance changes and conse- 
quently the polarizability changes. Thus this mode of vibration which 
does not give rise to an infra-red spectrum, does produce a Raman spcc- 
trum. During the course of the deformation vibration (Figure 33), however, 
the polarizability does not change since the carbon-oxygen distance remains 
unaltered and hence this particular mode of vibration, although giving an 
infra-red spectrum, does not produce Raman lines. 

In the above discussion we have considered all the possible modes of 
vibration of carbon dioxide ; according to the formula 3n — 5, these should 
be (3 X 3) — 5=4 in number. The four oscillations will be the sym- 
metrical, the non-symmetrical and two deformation vibrations. The 
deformation oscillation may occur in any plane passing through the axis 
of the molecule, but all such vibrations may be described by the projections 
on to two mutually perpendicular planes passing through the molecular 
axis. 


CHARACTERISTIC FREQUENCIES 


An extension of the methods described in the preceding section to com- 
plicated molecules presents many difficulties, and attempts to analyse the 
spectra and so determine the molecular constants has been found possible 
only for relatively simple molecules. For complex organic compounds in 
particular the complete analysis of the spectra has been found impossible, 
but information of considerable value may be obtained by following the 
change in the infra-red spectrum as certain groups are introduced into a 
particular molecule. This procedure makes possible the formulation of 
certain empirical rules and leads to the assignment to certain molecular 
groupings of characteristic frequencies which are generally independent of 
the structure of the remainder of the molecule. Thus, for example, in the 
spectra of all saturated mercaptans a line of frequency 2,570 to 2,575 cm™! 
is found to occur which is absent in the spectrum of the corresponding 
hydrocarbons. Furthermore, in the spectrum of the hydrogen sulphide 
molecule, there exists a line of frequency 2,578 cm~! and hence it 1s con- 
cluded that the frequency 2,573 + 3cm™! is characteristic of the S—H 
link. In exactly the same way characteristic frequencies are found for the 
C=N and C—NH, groups (see Table XXXVIII). The very small 
variation in the values of the frequencies justifies the conclusion that the corre- 
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Table XXXVIII. 


sponding molecular vibrations are charac- 
Characteristic Frequencies [cm~*] 


teristic of a particular bond or group and 


| < do not depend on the remaining part of 
; lye | eed eg the molecule. Such frequencies as those 
a | vi) given in Table XXXVIII are termed the 
CH, 2,572 | 2,249 | 3,372 Characteristic frequencies of a particular 
C,H; 2,570 2,243 3,369 bond or group. A knowledge of these 
Csi; 2,575 2,244 3:37 characteristic frequencies will clearly be 
cH’, Bole ae 3:37! most useful in the analysis of complex 
= __-_*__|_ _|_ spectra, and the assignment of particular 
Average | lines to certain groups. 
value 2.573 2,244 | 3,372 However, the use of characteristic 


frequencies must be carried out with 
care since variations of the characteristic frequencies from the normal 
value do occur in certain instances. Such variations are generally due 
either to the resonance of the molecule between valence bond structures 
or to the existence of relatively heavy atoms near to the bond concerned. 
For this reason it is preferable to refer to the characteristic frequency range 
of a particular bond. Many such frequency ranges are now known and 
are based on a considerable amount of experimental data. Thus, for 
example, frequencies greater than 2,500 cm~! are characteristic of bonds 
involving the lighter elements ; the valency vibrations of the C—H bond 
lies in the range 2,800 to 3,300 cm7?, the N—H bond at 3,300 cm~?, 
the O—H bond between 3,350 and 3,450 cm! and the S—H bond at 
2,570cm~}. The valency vibrations of bonds involving the heavier atoms 
have lower frequency values, and the deformation vibrations still lower 
values. Thus the vibrationsin — CH, and > CH,, in which the H—C—H bond 
angle is deformed, have values 
between 1,300 and 1,400cm~}, 


Table XXXIX. Vibrational Frequencies of Multiple Bonds 
deformation vibrations ine. —— se 


volving the first carbon atom Molecule Bond Frequency 
of the hydrocarbon chain, 7.e. cm~* 
the C—C—H bond angle, he Triple bonds 
in the range 800 to 1,200 cm 
: : (6 bonding electrons) 
and the deformation vibra- HCCH C=C 1,960 
tions of the carbon chain, 7.e. CO C=O 2,150 
the C—C—C bond angle, fall RCN C=N 2,250 
in the range 300 to 400 cm7}. Nitric oxide 
In diatomic molecules it (5 bonding electrons) 
was observed that the vibra- NO N=O 2,221 
tion frequency increased with 
Sane Double bonds 
the multiplicity of the bond (4 bonding electrons) 
and similar behaviour occurs H,CCH, C=C 1,620 
in polyatomic molecules. The R,CO c=O 1,720 
frequency of the C—C bond ono ca 1,850 
lies in the range 800 to 1,200 : _ — 
cm~? and increases to 1,600 Single bonds 
cm? for the C=C bond and (2 bonding electrons) 
to 2,100 cm~! for C=C. Sige uP 990 
Similar behaviour is observed : rae 
: CH,NH, C—N 1,030 
in bonds between other atoms NH,OH N—O 1,000 


and _ the data are summarized 
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in Table XXXIX. On comparing the frequencies associated with different 
types of bonds between various atoms it is apparent that the vibrational 
frequencics of bonds of different multiplicity lie in certain frequency 
ranges. Thus the frequencies of single, double and triple bonds lie in the 
region of 1,000cm—!, 1,600 cm7~! and 2,100cm7! respectively. Some of 
the bonds whose frequencies are quoted in Table XXXIX are not pure 
covalent bonds but contain a certain proportion of ionic character. The 
variable amounts of ionic character in different bonds will slightly alter the 
frequencies but, nevertheless, it is seen that the frequencies remain within 
the same region and the assignment of particular values or ranges of values 
to a particular type of bond is not invalidated. 

We shall now discuss various types of bonds and consider how the 
vibrational frequency changes with changes in the rest of the molecule. 


The carbonyl group—Compounds containing the carbonyl group have 
been the subject of many investigations and a considerable amount of 
experimental data has accumulated concerning the vibrational frequencies 
of the C=O bond. In a series of saturated ketones the value for the 
frequency of 1,710 crn~! remains constant irrespective of the chain length ; 
similar behaviour has been observed in the saturated aldehydes where the 
frequency is slightly different, being 1,720cm 7}. Similar constancy of the 
vibrational frequency is observed in many other compounds, e.g. carboxylic 
acids, esters and acid chlorides (see Table XL). Let us compare the values 
for the ketones, the carboxylic acids and the acid chlorides. In the car- 
boxylic acids the frequency is noticeably lowered in comparison to the 


Table XL. Vibrational Frequency of the C==O bond (cm—?) 


R | RCOCH, | RCHO| RCOOH | RCOOCH,| RCOOC,.H, | RCOC! 
CH, 1,706 : 1,715 1,663 1,736 1,736 1,798 
C,H, 1,711 | 1,722 1,651 1,735 1,73! 1,786 
n-CsH, 1,710 1,718 1,654 1,734 1,731 1,79! 

tso-CyH, 1,709 1,721 1,649 |! = 1,733 1,729 = 
n-C,H, 1,709 1,717 1,652 1,732 1,731 1,792 
iso-C,H, 1,709 1,717 1,652 1,732 1,734 — 
sec-C,H, 1,708 1,718 1,646 | 1,732 | 1,728 —_— 
tert-C,H, 1,702 1,721 1,645 1,729 1,728 — 
n-C,H, 1,709 1,720 1,653 1,738 1,734 = 
1s0-C5H)}, 1,709 1,720 1,653 1,738 1,734 1,794 
sec-C,H,, 1,701 1,725 1,643 | 1,728 1,721 — 
n-C,H); 1,710 1,72! 1,654 | 1,737 1,732 — 
n-C,Hjs — 1,723 | 1,652 1,734 | 1,737 — 
n-C,H,, ==, 1,721 1,654 1,73 =- aks 
n-C,Hy, | 1,710 | 1,722 ! 1,649 1,737 oa | = 


ketones: 1,650 cm 7! instead of 1,710cm™~!; in the acid chlorides it 1s 
raised to 1,790cm7}. In the ketones there is a bond resonance in the 
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carbonyl group between the valence bond structures > C=O and 
> Ct+t—O-, molecular resonance involving the structure 


R 


CcC—O- 
Vi 
H,C 
Ht 
making a smaller contribution. In the acid chlorides, the strongly electro- 
negative chlorine atom may be regarded as competing with the oxygen 
atom for the negative charge and new valence bond structures occur which 
contribute to the final state of the molecule. Apart from the resonance 
in the CO and CCl bonds we shall have the following structures : 


O- O 
/ Va 
R—Ct+ R—Ct 
Cl Cl- 
I I 


and also a new type of structure in which the chlorine is negative, not 
with reference to the carbon as in //, but with the oxygen, 


Or 


Ii 
Thus the GO bond becomes partially a triple bond and experimental data 
(Table XXXIX) show that as the multiplicity of a bond increases, so also 
does the vibrational frequency of the bond, in agreement with the results 
in Table XL. In addition to the above three valence bond structures, 
there will also be a contribution from structure JV, 


O —_ 
R—C 


IV 


but in view of the greater electronegativity of chlorine compared with 
oxygen this structure is less probable than the structures J, J, and III. 

In the carboxylic acids an additional valence bond structure occurs. 
Because of the contribution of the structure VJ, 


O O- 
Va 
—C ae 
‘on No+ —H 
V VI 


170 


VIBRATIONAL FREQUENCIES IN POLYATOMIC MOLECULES 


the single bond character of the carbonyl group is increased, with the 
result that the vibrational frequency is decreased. 

In the anions of the carboxylic acids 
the characteristic carbonyl frequency 
is absent although a_ characteristic 
frequency of 1,350 to 1,400 cm}, 


Table XLI. Vibrational Frequencies in 
Carboxylic Actds and Corresponding Anions 


shelcus : a present in the acids is retained (see 

—__—_|—______ _____,______ Table XLI). This is evidently due to 

oe 1,400 ,  — 1,657. the fact that in the anions, both 
= 1,35! = owe xy , 

| age | 1666 6 OxYBeNS are equally charged and the 


CHICOO~ eee | 1413 a two carbon-oxygen bonds are identical 


and equivalent to 1-5 bonds. The two 
structures V/J and VIJ// will thus 


contribute equally to the structure of the molecule : 


O O- 
0 te 
R—C R—C 
\ \ 
O- O 
Vil VUll 


In gaseous formaldehyde and also in strong solutions of the sodium 
salts of carboxylic acids, frequencies of 1,768 cm7! have been observed. 
H1sBEN! and KrRIsCHNAMURTI* noticed that in dilute solutions this frequency 
decreased and there was a certain similarity of the spectrum to that of 
glycol. These authors have proposed that during the dilution process the 
formation of CH,(OH), occurs. 


In Table XLII the values 
of the vibrational frequency Table XLII, Vibrational Frequencies of Carbonyl Group in 


of the carbonyl group in Molecules of type R,CO R, (cm—’) 
molecules of the type 


R - R: 

“\ 5 * | NH, ! C,H, | H | OC,H,| Cl 
a NH, 1,655 ! 1,652 1,671 1,692 } 1,731 
C,H; —_ | 1,653 1,696 1,715 1,768 
aoe H — = = 1,715 = 
are given, and the observed 9¢,H, = ee hee 1,743 | 14772 
frequencies are in agreement Cl —- | = | — — 1,810 

| 


with the resonance struc- 
tures of the corresponding 
compounds. In urea, (NH,),CO, a considerable lowering of the frequency 
is observed on account of the contribution of the structure JX to the 
resonance of the molecule. 


C—O- 


ue 
NH, 


1X 
This view is supported by dipole moment measurements and by other 
properties. The highest frequency of the carbonyl group exists in phosgene, 
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COCI],, in which structures X and X/ containing a triple carbon-oxygen 
bond contribute to the molecule. 


Or Ot 
Vy, Y 
Cl—C -Ci C 
x 
Cl- Cl] 
x XI 


The groups OH, NH, and C,H, increase the contribution of structures 
containing a single carbon-oxygen bond, C-—-O-, thereby lowering the 
frequency. On the other hand, the presence of chlorine, as in phosgene 
increases the contribution of the triple bond structure, C=Ot, and the 
frequency is thereby increased. It is interesting to note that in the molecule 
NH,COCI, the negative charge is shared between the —NH, group and 
the chlorine atom, with the result that the vibrational frequency of the 
carbonyl] group is raised to a less extent than in the other cases discussed 
above. 

In acetophenone C,H;COCHsg, the frequency of the carbonyl group has 
the value 1,684 cm—! which is lower than in the case of acetone 1,706 cm}. 
This will be due to the contribution of the structure X/I, thus increasing 
the single character of the bond. 


Lae 
C 
| 
WA 
J 
In acetyldurene XJII and acetylmesitylene XIV : 


H,C O H,C O 
\ 7 \ 7 


CH, 
All AIV 


the frequency (1,699 cm!) is not decreased to any significant extent?, 
although it would appear that similar resonance structures involving the 
ring system would contribute to the structure of the molecule. However, 
conditions for resonance incorporating structures of the type XJJ are most 
favourable when the carbonyl group is in the plane of the ring. Only 
under these conditions is the transfer of the 7 electrons at a maximum. In 
acetyldurene and acetylmesitylene, the methyl] groups in the ortho position 
prevent the acetyl group from lying in the plane of the ring, the orbitals 
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of the w electrons are thus not parallel and the electron transfer is made more 
difficult. ‘Thus structures of the type Y// make a much smaller contribution 
to the structure of the molecule in the case of acetyldurene and acctyl- 
mesitylene and the frequency of the carbonyl group is therefore greater 
than in acetophenone. In mesitylaldchyde, 


H O 
Soe 
C 
HC CH, 


H, 
XV 


the aldehyde group has been shown to be in the plane of the benzene 
ring*, resonance structures involving the ring will thus be possible in 
agreement with the low value for the frequency of the carbon-oxygen 
bond viz 1,687 cm7?. 

The structural formula of betaine is often given as 


a 
(CH,),N C=O 
oe a 


O 
NVI 


involving a four membered heterocyclic ring and a pentavalent nitrogen 
atom. However, a dipolar ionic zwitterionic structure XVJ/ is more in 
accordance with modern views and furthermore is in agreement with. 


O 


4 


Ve 
(CH,),N+CH,—C’ 
x 


O- 
XVIT 


the insolubility of betaine in aprotic organic solvents and its marked 
solubility in water. If the cyclic structure XVJ were correct, the spectrum 
should contain the characteristic frequency for the carbonyl group. In 
the case of the dipolar ion structure XVJJ, the carbon-oxygen bond would 
be equivalent to 1:5 bonds and the characteristic frequency of the carbony! 
group should be absent. Experiment has shown? that in the spectrum of 
betaine there is no line with a frequency of 1,700 cm™}, although lines are 
found with frequencies of 1,336, 1,394 and 1,416cm7?. Evidently the dipolar 
ionic form represents the correct structure. In the same manner, 
amino acids exist in the zwitterionic form *NH,RCOO°- and give spectral 
lines at 1,330 to 1,360 and 1,410 to 1,420cm7!*. On conversion to the 
corresponding hydrochloride, the intensity of the first group weakens 
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Table XLII. Vibrational Frequencies in Amino and the second group disappears 
Acids and Derivatives (see Table XL ITT)6, 
The spectrum of betaine thus 


Molecule 1 Frequency reveals a marked sitnilarity to that of 
apes ie the carboxylate anions and differs 
+NH,CH,COO- 1,331 aes 1,412 considerably from the spectra of com- 
CINH,CH,COOH | 1,315 —_ pounds containing a carbonyl group. 
a H 1358 | 1,416 This example illustrates the use 
CNEL CHG )COO- ace ee of Raman spectra in the solution of 
CINH,CH(C,H,)COOH i 1,363 — structure problems. 
The double bond, C=C — The double 


bond in ethylene and in substitution 
products of ethylene gives a Raman spectrum in the region 1,600 to 
1,680 cm-!. In ethylene the value is 1,620 cm7}, and on the introduction 
of methyl groups into the molecule the frequency increases, as shown in 
Table XLIV. In the di-substituted compounds the values for the cis and 
trans forms are different from each other and different from that in which 
both methyl groups are attached to the same carbon atom. This distinction 
may be used as a method of distinguishing between isomers. 


Table XLIV. Frequencies of Some Ethylenic Hydrocarbons 


Molecule Frequency | Molecule Frequency 
em—} ema} 
CH,CH=-CH CH, cis 1,669 | C=CHCH, 1,679 
, i 
CH, 
CH,CH=CH CH, trans 1,681 
CH; CH < yer 
C=CH, | 1,654 yore 1,674 
CH, | CH, CH, 
| 


In the monosubsti- 
tuted ethylenes (Table Table XLV. Frequencies of Some Monosubstituted Ethylenes 


XLV), there is very 

little change in the Molecule Frequency Molecule Frequency 

frequency as the size of ae bi 

the substituent group is C,H,CH=CH, | 1,642 || C,H,,CH=CH, 1,642 

increased and it would Che as bee CHH,CH,CH—CH, 1,642 
i - as 1,042 = 1,049 

appear that with propy- G47" cH—cH,! 1642 | CH'CHOHCH—CH,| 164 


lene the maximum shift —_cy: 
of the frequency had Sie 
been attained. How- 
ever, there are a number of substituent groups which lower the value of 
the frequency by an appreciable amount (Table XLVI) and it would appear 
from the nature of such substituents that this change is associated with the 
contribution of valence bond structures to the resonance of the molecule 
in which the ethylenic bond has single bond, rather than double bond 
character. In the lowering of the frequency, the mass of the substituent 
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group may play an important part and a semiquantitative treatment for 
the halogen vinyl compounds‘ has shown that approximately one third of 
the frequency shift can be attributed to the influence of mass and the 


Table XLVI. Raman Frequencies in RCH=CH, Compounds 


R Alternative structure Frequency | Frequency lowering 
em7* | compared to CH,CH,=CH, 
ee eee ee 
C,H, +CH,—CH= 1,631 | — 16 
C=N +CH,—CH=C=N- 1,608 | — 39 
Cl —CH,—CH=Cl+ 1,608 — 39 
Br —CH,—CH=Brt 1,598 — 49 
C=CH +CH,—_CH=C=C-—H 1,595 — 52 
I —CH,—CH=I+t 1,58t | — 66 
OC,H, -CH,—CH=O+t—C,H; 1,635 


remaining two thirds to the resonance effect. Resonance in vinyl com- 
pounds between, for example, the valence bond structures : 


CH,—=CH—Cl and ~CH,—CH=Cl+* 
is supported by the observed increase of the carbon-carbon distance, the 
decrease of the dipole moment in comparison with the saturated com- 
pounds and by the change of chemical behaviour. Where the resonating 


groups are separated by a group which cannot partake in the molecular 


resonance the characteristic frequency of the ethylenic group is retained 
(Table XLVII). 


Table XLVII. Ethylenic Bond Frequency where Resonance Cannot Occur 


Molecule | Molecule 


Frequency Frequency 
cm} cm—} 
CH,=CHCH,OCOCH, 1,649 CH,=CHCH,Cl 1,640 
CH,=CHCHOHC=CH 1,646 CH,—CHCH,Br 1,635 
CH,—=CHCHOHCH=CH, 1,646 | CH,=—CHCHBrCH, 1,638 
CH,=CHCH,C=CC,H, 1,642 CH,=CHCH,C,H, 1,642 


CH,=CHCHCICH, 1,640 | 


Molecules containing both ethylenic and carbonyl groups and in which 
resonance may occur, show a change in the multiplicity of both the CC 
and the CO bonds. Both give reduced Raman frequencies (Table XLVIIL), 
indicating an increase in single bond character. Organic radicals are 
found to have the following sequence in their effect on the frequency of 
the ethylenic double bond : 


COOH < COOC,H; < OC,H, < C,H, << CHO < 
< Cl < COC] < CN < Br< C=CH <I 

Similar general behaviour is observed with the poly-substituted de- 
rivatives of ethylene ; if only one of the substituent groups is effective 
in changing the resonance of the molecule, the change of frequency of the 
double bond is analogous to that observed with the corresponding mono- 
substituted derivative. If several of the substituent groups or molecules 
participate in the resonance of the molecule, however, the problem is more 
complex and empirical relationships can no longer be formulated. 
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We 
+CH,—CH=C 


Ci- 


Table XLVII, Frequency of C=C and C=O Bonds in Molecules of the type CH,=CHR 
R Alternative structure Yo=uO S¥o=0 Youd Mon 0 
OH 
COOH +CH,—CH=C 1,637 —10 1,657 fe) 
| | 
OR 
COOR +CH,—CH=C | 1,635 —12 1,720 —15 
o- | 
HC 
CHO +CH,—CH=C | 1,618 —29 1,692 — 30 
o- 
| 
| a | 
| | +CH,—-CH=C 1 
{ 
«| 
COC! | 1,609 —38 — 34 
| m4 | 
| | | 
| | | 
| | 


Allene, CH,—=C=CH,, and its derivatives are an exception among 
compounds containing a carbon-carbon double bond, in that there is no 
Raman frequency in the range 1,600 to 1,680 cm™?, although characteristic 


frequencies occur in the region 1,080 to 1,130 cm-}, 


This may be ex- 


plained by the fact that the vibration of two carbon atoms, as in the double 


Table XLIX. Raman Frequencies of Triple Bond, C=C 
—— 
| 


Molecule 


CH,C=CH 
C,H,C=CH 
(CH;),.CHCH,C=CH 
C,H,,C=CH 
C,H,;C=CH 
CH==C(CH,), C==CH 


C,H,CH,C=CH 


CH,OCH,C=CH 
CH,OHC=CH 
(CH,),(OH)CC=CH 


Frequency 


cm7} 


2,123 
2,121 
2.118 
2,118 
2,119 
2,119 


2,120 


2,118 
2,118 
2,120 


| 
| 
| 
: 


CCHoxoueomcn | Sie | (Guceccon | ae 


Molecule 


CH,C=CCH, 

Cc »H,C=CCH, 

CH, C=CCH, 

Cc \H.C=CCH, 

CH, C=CCH, 

C;H,,C=CCH,OH 
CH, 


C;H,,C=CCH 
\ 
OCH, 


(C,H,,C=C),CHOH 
(C,H, ,C=C),COH 
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bond C=C, cannot occur in this molecule and will be replaced by the 
valency vibration of all three carbon atoms. 

The triple bond, C=C — The Raman frequency of the triple bond in 
acetylene is 1,960cm-!, on monosubstitution this value is increased to 
about 2,120cm~-! and with the di-substituted dcrivatives is raiscd to 
approximately 2,235 cm! (see Table XLIX). 

Bonds involving Nitrogen — The C=N bond has a Raman frequency of 
approximately 2,250 cm? in saturated aliphatic nitriles. In C,H,;CN, 
however, owing to the contribution of the valence bond structure with a 
double bond between the carbon and nitrogen : 


N7 


VN 
+ 

the frequency is lowered to the value 2,227cm7!. In the molecule 
C,H,CH,CN, where molecular resonance involving the benzene ring can 
no longer take place, the frequency has the value of 2,252cm7!. A 
comparison of the nitriles and the isonitriles shows that different valence 
bond structures in which the charge on the nitrogen molecule is different 
contribute to the resonance of the molecules. The frequency of the CN 
bond in CH,NC is less than in CH,CN by over roocm™! (CH,CN, 
2,261 cm7! ; CH,NC, 2,146 cm!) which can only signify that the contri- 
bution of the structure containing a double bond, viz R—N=CG, is greater 
in the isonitrile than in the nitrile, where a separation of charge occurs 
viz R—Ct=N-. 

In the aliphatic nitro derivatives, Raman frequencies characteristic for 
the nitro group occur at 1,383 cm! and 1,555 cm 7!. These values are 
between those observed in compounds containing a single N—O_ bond 
(approximately 1,000cm™}) and those containing a double N=O bond 
(approximately 1,640cm7!). In nitrobenzene these characteristic fre- 
quencies are lower, being 1,345 cm-! and 1,523 cm7! respectively, which 
is most probably due to molecular resonance with the benzene rng and 
the contribution of the structure : 


in which the nitrogen-oxygen bond is single. In nitromesitylene the 
corresponding frequencies are 1,363 cm—! and 1,523cm7'. The slight shift 
in the direction of the frequencies of aliphatic nitro compounds has been 
interpreted? as indicating that the methyl groups in nitromesitylene prevent 
the nitro group from lying in the plane of the ring, thereby reducing the 
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molecular resonance. This view is supported by the dipole moment data 
(see Chapter ro). 

In dimethyl nitrosamine the molecule may be represented as a resonance 
hybrid of the two structures : 


CH, CH, 
N—N=O and Nt=N—O- 
CH, CH, 


and hence both the NN and the NO bonds will possess double bond 
character. This view is in agreement with the existence’ of a Raman 
frequency of. 1,399 cm—! which lies between the single and double bond 
frequencies of the NO bond (see above). 

Applications of the Raman effect—In the above discussion we have seen 
that the so-called characteristic frequencies may vary, being dependent 
on the nature of the bond and on the adjacent atoms or groups. Never- 
theless, the spectra of homologous substances have many similarities and 
this fact may be used for analytical purposes. Thus impurities in, for 
example, pure hydrocarbons can be readily detected by Raman spectra. 

The differences in the Raman spectra of cis and trans isomers may be 
used to identify these forms. As a result of the greater symmetry of the 
trans isomer, the number of degenerate vibrations is greater and hence 
there are fewer spectral lines than in the case of the czs isomer. 

One of the earliest 
applications of the 
Raman effect was to 


Table L. Raman Frequencies in Acetoacetic Acids 


Molecule of panel keto-enol tautomerism. 
aa a Se ee a Thus in the case of 
Se ey COO — — ie acetoacetic ester, a 

H,COCH(CH;)COOCH 1,595| — |1,719 Characteristic frequenc 
CH,COCH,COOCH, : 1,595 | 1,655 | 1,723 - q y 


the C=C bond is ob- 
served. In the keto 
form, CH,COCH,COOC,H;, such a bond does not occur, nor does such 
a bond exist in the hydrolysis products (acetone, CH,;COCH, and ethyl 
acetate, CH;,COOC,H;,). The presence of this frequency shows that in 
acetoacetic ester the enol form, a alibi must exist in 
OH 
equilibrium with the keto form. In dimethylated acetoacetic ester, 
enolization cannot occur and the only observed frequency is that 
characteristic of the carbonyl group (see Table L). The monomethylated 
derivative shows a weak Raman line at 1,595 cm}, which is a frequency 
corresponding to the double bond C=C, together with the frequency for 
the carbonyl group. The solution of acetoacetic ester in hexane gives a 
Raman spectrum in which there is no line corresponding to the carbonyl 
frequency and it must therefore be concluded that this solution consists 
mainly of the enolic form. 
Raman spectroscopy has also been used to identify the intermediate 
products of exchange reactions. Thus, for example, in the mixed crystal 
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of SnCl, and SnBr, new lines occur, which have been interpreted as 
indicating the existence of SnBr,Cl, SnBr,Cl, and SnBrCl,. 


INTERATOMIC DISTANCES 


For a number of comparatively simple polyatomnic molecules the moments 
of inertia and hence the internuclear distances may be calculated from the 
rotational fine structure. In addition to the spectroscopic method, inter- 
atomic distances and valency angles may also be determined by x-ray and 
electron diffraction. Thus an exact quantitative picture of the molecule 
may be made whenever it has been possible to make the necessary calcu- 
lations. In those cases where the same quantity, e.g. the interatomic 
distance, has been determined by more than one method the agreement 
between the two values is generally found to be good. 

The CC bond— The considerable amount of data that has accumulated 
for various interatomic distances, show that it is almost a constant quantity, 
almost inaependent of the nature of the adjacent atoms or groups but 
dependent on the multiplicity of the bond. This conclusion 1s illustrated in 
Table LI for the single bond, C—C, which for a wide variety of substances 
is found to have an interatomic distance of 1-54 A. In the double bond, 
C=C, the four bonding electrons hold the atoms together more strongly 
and the interatomic distance is reduced to 1:34 A. (Values for : ethylene, 
1:34 A; stilbene, 1-33 A; benzophenone, 1°32 A; ketene, 1-35 A; allene, 
1:34 A). In acetylene, with six bonding electrons, the internuclear distance 
is 1:20 A (values : for diacetylene, 1:20 A ; dibromacetylene, C,Br,, 1-20 A ; 
di-iodoacetylene, C,I,, 1-18 A ; and in monohalogen derivatives, HC=CHal, 
1-20 A). 

As has been shown 
previously some links 
cannot be regarded 


Table LI, Single Bond Carbon—Carbon Distances 


| 

: : Interatomic '| Interatomic 

simply as pure single or | 
4 A 
pure double bonds, but \folecule sg folecule distance 
are of an intermediate ———___ ee (See 
type. In benzene for Diamond 154 | Butylbromide 1°55 
example, the bondshave thane 1°55 | Nonacosane 54 
double bond Propane 1°54 ‘| Paraldehyde 1°54 

5° per cent Isobutane 154 | Metaldehyde 154 
character and the value n-Pentane 154 | trans-2, 3-Ethoxybutane 1°54 
for the interatomic 
distance is 1-40 A, which ihe 1°53 SS Fee ae 1°54 
ca heteeeaiis the. values opentane 1°52 etrahydrofuran 1°54 


. Cyclohexane I: 
for a single and a double se | 33 


bond. In cyclic mole- 
cules similar to benzene, ¢.g. pyridine, pyrazine, pyrrole, thiophene, 
dibenzyl, tetramethylbenzene, naphthalenc, anthracene, chrysene, hexa- 
chlorbenzene, ¢ic, the value for the interatomic distance of the cyclic 
carbon atoms varies only between 1-39 and 1-41 A. In quinone, 


<0 


where the double and single bonds are fixed, x-ray data show that the 
double bond distance is 1-32 A and the single bond distance 1-50 A. 
There exist a number of compounds in which the distance between two 
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adjacent carhon atoms is less than 1°54 A, although in the structural 
formula the links are represented as single bonds (Table LIZ). This 
alteration of the bond length is due to the fact that alternative valence 
bond structures contribute to the state of the molecule. In these alter- 
native valence bond structures, bonds normally represented as single bonds 
appear as double bonds and thus in every case, owing to the partial double 
bond character of these links, the interatomic distance is less than the 
accepted value for the single bond, C—C (1°54 A). 


Table LIE. Carbon-Carbon Distances in Resonating Molecules 


Interatomic Example of alternative 
Molecule Bond distance valence bond structure 
CH,—CH—CH=CH, HC—CH | 1-46 CH, CH= CH—CH, 
: Sh aaa Ede Sicoueh 
2 
| io 
i 2—3 1-46 ian 
| \F4 
CH=C—C=CH Cc—C 136 | CH=CH=CH=CH 
bi 7: Uh Ueeceaeedeawteced one 
N=C—C=N C—C 1°36 N=C=—C=N 
| 7 — 
C,H,CH=CHC,H, Cur Cor aa {_=CH— cH S 
C,H ;c= CC,H; OF ml OFF I "40 Pos JS 
—C—C— 
aoa _> 
CH,C=CH C—CH, 1°46 +H CH,=C=—CH 
C—CH 46! = 
CH,C=C—C=CCH, Cue 8 iap | +H CH,=C=C=-CCH, 
HC=C—CH.Hal C—C 1-47 +CH=C=CH,Hal 
2 3 
YN TNS 
2— 1°46 = Wa 
a ‘ 3 4 | Ny if 
awa “ lan 
1 ‘ 1 ‘ 2—3 I c’ 
Nf ee A 
An Nee +N St 
| | 
H H 
C 6 | 1-46 OO) 
I—2 ‘4 
| Va 


+H CH,—C=C”-—CH=CH, 
CH 2a C=CHos 


eooeeenereevrave eee: & 


H,C—C=C—CH=GH, 


H,C—C 147 
=C—CH=> 1*42 
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Although most of the data given in Table LI has been confirmed, 
there is still some doubt about the value for the Conprsue—Ceromaste bond 
in methylbcnzencs and stilbene. The older data show simall values for 
Couiprate— Carematteg DOnds in polyphenyls and in durene, but more rccent 
measurements on hexamethylbenzenc® show that the length of this bond 
is 153A. Furthermore, there is some doubt as to whether the distance 
between the benzene rings in diphenyl is less than the bond length of a 
single C—C bond?’, 

The dependence of bond Iength on the bond multiplicity, however, 1s 
not quite so simple as might be imag'ned from the data given above. This 
complexity may be illustrated by a moic detailed examination of diacetylene, 
HC=C—C=CH. The bond length in the ‘ single ’ 2-3 bond is less than 

1 2 
a normal ainile bond having a value of 1-36 A, i.e. it has been lowered 
almost to the value for a double bond. We may consider that this has 
taken place by a considerable contribution to the resonance of the molecule 
of the structure HC=C=C=CH, but if this is so, it is reasonable to 
assume that the bond distances in the acetylenic bonds, 1-2 and 3-4 must 
be correspondingly increased. This is not supported by the experimental 
data and these acctylenic bond distances have the value 1-20A as in 
acetylene. Other instances are known where the contribution of valence 
bond structures, involving an alteration of the bond multiplicity, has been 
shown by independent methods, which is not in agreement with the 
measured bond length. Thus the dipole moment of isobutylene, 0-49 D, 
suggests that structures of the type : 

H+H,C 
\ 
C—C-H, 
/ 
H,C 
contribute to the resonance of the molecule. Nevertheless, the experimental 
data give a value of 1-54 A for the C—CH, bond distance, thus indicating 
the absence of double bond character. Anomalies of a similar type occur 
with such molecules as tetramethylethylene, mesitylene, hexamethyl- 
benzene and 2-butene. It would appear that a re-examination of the 
molecular constants of molecules showing these anomalous properties is 
desirable. 

The CH bond—In methane the C—H bond distance is 1-09 A and in 
acetylene 1:06 A. The greatest bond distance, 1-12 A is observed in the 
molecule CH. It is probable that the decrease of the bond distance from 
this valuc is related to the nature of the bonding orbitals of the carbon 
atom. In CH, the bond is formed by a p electron of the carbon atom and 
an s electron of the hydrogen and in CH,, C,H, and C,H, the carbon 
bonding orbital is sp?, sp? and sp respectively. Before any satisfactory 
theory can be made, however, more exact values for the bond distance 
must be obtained. Indirect evidence in favour of this sequence is given 
by the Raman frequencies which are: in CH 2,824 cm—!; in CH, 2,870cm7!; 
in C,H, 3,000 to 3,100 cm~? and in C,H, 3,320 cm-!, and by the calculated 
exchange energies of the CH bond which are 50, 91, 96 and 97 kcals for 
the bond involving a f, sp°, sp? and sp electron of carbon respectively. 
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Table LIT. Interatomnic Distances of Single Bond, C—O The CO bond — For 

the single C—O bond a 

Interatomic || Interatomic Constant characteristic 

Molecule se ia | Molecule distance value of the interatomic 
ae, A distance is obtained for 

Dimethylether 1°44 cis-2, 3~Ethoxybutane pag 1°43 a number of molecules 
Dioxan .. 1°46 =| _ érans-2, 3-Ethyoxybutane 1°43 (Table LUI). The case 
Paraldehyde 1°43 ‘| Tetrahydrofuran | 143 of the double bond 
Metaldehyde | 143 «| a~Afethylhydroxylamine | 1°44 C=O is rather different 


from that of the ethy- 
lenic bond C=C, since 
the C=O bond is not 
homopolar and contri- 
butions from other 
valence bond structures, 


Table LIV. Interatomic Distance in Afultiple Bonds betuceen 
Carbon and Oxygen 


Interatomic | Interatomic : : 

Molecule distance Molecule | a i with a separation of 
| charge and a different 
HG aay | (HCOOH), —— multiplicity of the bond, 
CH,CHO 1:20 | HCOONa 127 «always occur. In 
CO 113 || COOH aldehydes and ketones, 
en : cae 1:24-1:30 for example, the struc- 
2 oe ture > C+t—QO- con- 
COS 116, BeSO(CH3COO)s! 129 tributes to the resonance 
CH,=C=O 17 CaCO, 1:31 Of the molecule and in 
oe 1:20 BH,CO 113° carbon dioxide the 
Hi 3)e 1°25 | structure O-—C=O+ 

T 2 15 ; 
COON aoe CON | "IS occurs. In Table LIV, the 


internuclear distances 
of this bond in various molecules is given. In aldehydes the CO bond 
distance is 1-20 A and very probably the same distance occurs in ketones. 
In urea, because of the contribution of the structure 


+NH, 


in which the carbonyl! group has single bond character, the bond distance 
is lengthened in comparison with the aldehydes. In the carboxylate ion, 
both CO groups are identical and equivalent to 1-5 bonds, the internuclear 
distance being 1-27 to 1:29 A. The data at present available suggest that 
the carbon-oxygen bond distances are different in the acids, but more 
exact measurements are required. In the carbonate ion GO,?-, each 
yond possesses 0:33 double bond character owing to the resonance that 
exists between the three structures : 


O- O O- 


/ 
O=C O-—C eas 
Xs x 
O- O- O 
and the distance is 1:31A. A contribution from a triple bonded structure 
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wil cause a marked decrease in the interatomic distance as in BH,CO, in 
which resonance occurs between H,B-—Ct=O and H,Bt—C=O-, and 
probably also in the acid chlorides where the possible valence bond 
structures are 

O Ot 


"A Y 
CH,—C and CH,—C 


Cl Cl- 


The CS bond— The CS bond is very similar in its properties to the 
carbonyl] group. The single bond distance is 1-82 A in (CHy,),S. In 
thiophene it is decreased to 1:74 A and in thiourea, where similar valence 
bond structures to those in urea are also possible, the bond distance, 
according to x-ray data, is 1-64 A. 

The CN bond— Values for the internuclear distance in the CN bond 
are given in Table LV. The single C—N bond has a length of 1-47 A in 
N(CH) 3. In pyrrole, pyridine, pyrazine, urea and thiourea it is decreased, 
a fact evidently connected to the possible contribution of structures con- 
taining multiple bonds : 


HC=CH 
a, AN Nw H,N* H,N* 
HC CH | J \ \ 
/ NnO SN’ Cc—O- C—S- 
N+ / Sf 
| H.N H,N 
H 


According to the experimental data of BorerRscH!!, the C—N—N atoms of 
diazomethane are arranged linearly and it therefore follows that the 
structures : 
H H 
\ » 

C=Nt=N- C-—Nt=N 

i / 
H H 


will make a considerable contribution to the resonance of the molecule. 
In a: tage with this, the C—N distance is lower, having the value 


1:34 A. In dicyanogen, methyl cyanide and methyl ssocyanide the CN 
bond is partly a double and partly a triple bond, 
N=C—C=N N=C=C=N N-=Ct—C=N 
CH,—C= CH,—Ct=N- 
CH,—N=C CH,—Nt=C-— 


and the bond distance is found to lic between 1:15 and 1:18 A. 

The valency angles, in addition to the bond distances, may be deter- 
mined from electron diffraction studies and the magnitude of the bond angle 
may be regarded as an indication of the extent of the contribution of 
various valence bond structures in which the angle is different. For 
example, methyl tsocyanide is generally considered as being a linear mole- 
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Table LV. Interatomic Distances in CN Bond cule in which a con- 


siderable contribution is 


Interatomic Interatomic 

Molecule distance Molecule distance made by the structure 

| A CH,—Nt+t=C7- inwhich 

N(CH,), 147 GuHSN (pyrrole), a3 the nitrogen forms two 

1'4 ridine I’ ° 

CH,—N=N—CH, 1°47 | C.H.N, (pyrazine) 1°36 o bonds at 180 to each 

CH3N; a ee CO(NH:). 37 other. However, the 
I 2 3 : ~ 

CH,—N=C {it (2-3) || CS(NH,), 135 structure CH,—N=C, 

C,H, Ns (Hexa- ve | CHCN aie in which the bond angle 

methylenetetramine) | (CN); 116 iS go ; must also make a 


contribution to thestruc- 
ture of the molecule. Attempts!” to measure the bond angle in methy] 
isocyanate show that the angle cannot be measured with the desired accuracy 
and the conclusion was made that the angle is between 160° and 180°. In 
certain cases it is impossible to decide the multiplicity of a particular bond. 
In dicyandiamide the arrangement of the atoms in space according to 
x-ray data is: 


1.37ANH, 


N1-22A@1.28AN1-3AC A 
1.37 
Hi, 


This molecule is generally represented as having the formula 


5 
NH, 
/ 
N=C—N=C 
tr 2 3 4\ 
NH, 
6 
I 


which is clearly not in agreement with the observed bund distances. Thus 
the C—NH, bond distance (1-37 A) is only very slightly longer than the 
C=N (3-4) distance (1-34 A) and there is no justification for regarding 
the 3-4 bond as double and the 4-5 and 4-6 as single bonds. Further- 
more, the 2-3 distance, represented in formula 7 as a single bond, has a 
value of 1°28 A, less than the 3-4 distance, 1-34 A, which is represented as 
a double bond. Thus we may conclude that the contribution of the 
structure / is not great and that resonance between formulae IJ, I/J and 
IV involving a separation of charge, gives a more accurate description of 
the molecule. 


NH, +NH, NH, 


II Il IV 
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Phthalocyanine is generally represented by the structure V 


J\ . ¢ 
A oN A 

c )6|OUG 

NH NG 


\ 


and x-ray data #8 have shown that the molecule is flat and that the bond 
distances and angles are as given in VJ. The inner system of sixteen 
alternating nitrogen and carbon atoms is particularly interesting since this 
system occurs in a number of naturally occurring substances. All the 
C—WN bond distances are found to be equal and have the value 1-34 A. 
This fact clearly indicates that any localization of the double bonds as in 
formula V is incorrect and all the bonds have an equal multiplicity. 
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The distance between adjacent carbon atoms in the benzene rings is 1:39 A 
and that in the five-membered heterocyclic rings is 1-49 A, being a little 
less than the normal value for a single C—C bond, 1-54 A, owing to the 
contribution of structure of the type : 


rN 
ow \ 


The exact position of the two central hydrogen atoms cannot be established 
by x-ray methods, but since the distances between the central nitrogen 
atoms are 2°65 A and 2:76A it would appear that the two hydrogen 
atoms form a hydrogen bridge between those two nitrogen atoms that 
show the shorter interatomic distance, 2-65 A. On replacement of the 
hydrogen by a metal atom, the distance between the nitrogen atoms is 
somewhat distorted'4. 

Interesting information concerning the CN bond is forthcoming from 
the x-ray data of RoBERTsON!’ and of Hampson and RosBertson?® on the 
cis and trans isomers of azobenzene. The trans form VII is flat and 


Vil 
the C—N distance has the value 1-41 A, in agreement with the suggestion 
that the bond will have some double bond character owing to the con- 
tribution of the valence bond structure VIII, 


+ 
cS 
N—N 4 
Va 
Va > 
SS 
VII 
In cis azobenzene, steric factors prevent the molecule being flat owing to 
the interference of the two hydrogen atoms in the ortho position, and the 
C—N—N system (the C being in a benzene ring) is not linear, with the 
result that a valence bond structure of the type V/// cannot contribute to 
the molecular resonance. The CN bond distance is found to be 1-46 A as 
in the single bond and the molecule is represented correctly by the 


formula LX. 
N=:N 
SO 
1X 
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The Carbon-Halogen bond—In saturated compounds containing halogen, 
the CCl bond has the value of 1-71 A (see Table LVI). In chlorine 
substituted vinyl and benzene molecules the distance is decreased (Table 
LVII), which will be due to the contribution of structures of the type : 


Cl+ Cl+ 


¢ | 
H,C-—C 
( 0 
H 


in which the bond between the 


carbon and chlorine atoms is Table LVI. Interatomic Distances in CCl Bond 


double. We have already seen _| | ] 
that in vinyl chloride the C—C es Wei dnraloinis 
bond is increased to 1:38 A, in slolecule stance | olecule | istonce 
accordance with this structure. a ee, | 

These structures are also in CH,Cl : 10-77. | CHFCI, !| 1-73 
agreement with the dipole CH;Cl, | 77 , CFC 1-76 
S po’ CHCl, | «77 | CFC, | ay) 
moment data. In_propargyl &¢ ya5 || CCCHO | ote 
chloride, H—C=C—CH,Cl, cH.Fcl | 1-96 : | 


the CCl bond distances possess 
the very high value!” of 1-82 A, 
owing to the contri- Table LVII. Interatomic Distance of CCl Bond in Unsaturated 


bution of the structure : Molecules 
—C+—C= - 
Hi C ee CH, Cl : Inter atomic | Interatomic 
in which the chlorine 1s Molecule distance | Mole.ule distance 
in the fully ionic state. | lease 
1 CH,=CHCl 1:69 | pC H,Cl 1° 
In phosgene thedistance €H:-CH i HCl | 169 
between the carbon and CHC)= CH! (cis) 167 CHCl. re ae 
chlorine atoms is r68A GHaizcds wm) at 1 aL, | oa 
and in thiophosgene G:C: "73 || C.Ch 1°70 
C,H,C) 1°69 | { 
1-70 A. 


In the fluorine derivatives of — Table LVIII. Interatomic Distances of CF Bond 
methane and_ chloromethanes 


the variation of the CF bond ts Interatomic 
somewhat complex. As is seen Molecule | distance 
in Table LVIII, the bond length 

varies from 142A to 1°35 A. CH,F 


| | Interatomic 
Molecule distance 


CHFC1l, 1°41 


Pauling considers this to be due CHF, a ee 
ate a 
to the contribution of structures CHYFCI CF, | cae 
of the type | 
H H 
NZ 
C 
P= Ft 


to the resonance of the molecule. This explanation, however, is not in 
agreement with the dipole moment data for these compounds?®, 
The data for the bromine and iodine compounds are as yet insufficient 
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for discussion. ‘The most reliable values of the bond length in CBr and 
CI bonds are 1-91 A and 2:12 A respectively. 

The NN, NO and OO bonds— The interatomic distance between two 
nitrogen atoms forming a single bond is known from hydrazine in which 
alternative valence bond structures are not possible, and according to the 
results of GicuzERE and SCHOMAKER!®, the value is 1-48 A. The double 
bond distance N=N in azomethane, CH, -N—=N—CH,, is 1-24 A, whereas 
in diazomethane the bond distance is 1°13 A. 

The single bond O—O distance is obtained from hydrogen peroxide 
and is found to be 1-48 A. SHAND and Spurr”? established the following 
configuration for ozone, 


O 
12647 \126A 
O 127A O 
which 3s in agreement with the dipole moment data of PHiLuips, HUNTER 


and Suttron?!, who consider that ozone is best described as a resonance 
hybrid of the structures 


Or O 
oN Vi 
O O- O O 
two Structures two Structures 


The single bond N—O distance in NH,OCH, is 1:37 A. In the nitro 
group, where the bonds are equivalent to 1-5 bonds, owing to the resonance 


of the type 
/ 


both bonds have a length of 1-21 A. 

The structure of anhydrous nitric acid is interesting since the three 
NO bonds are not identical and the experimental evidence” suggests that 
the molecule consists of an hydroxyl group and a nitro group. There are 
two NO bond lengths of 1-21 A, and one of 1-4 A, thus corresponding to 
the formula 


The Raman spectra of nitric and deuteronitric acids have been examined 
by REepDLICH and NIELseEN® who found that the characteristic frequencies 
of the hydroxyl group were changed by the substitution of deuterium for 
hydrogen. Solution in water brings about the formation of the nitrate ion 
in which all the oxygen atoms are identical and the O—N—O bond angle 
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is in each case cqual to 120° (sp* hybridization). The structure of th 
nitrate ion will therefore be a resonance hybrid of the three forms 
O- © O 
si A \. 
oN fo \ oN 
O O- O- O O- O- 
in which the bond lengths are all 1-21 A. 

In the oxide of trimethylamine, (CH,),NO, the electron diffraction data 
of Lister and Sutton”! show that the NO bond distance is 1:36 A which 
is approximately the value for a single bond. If the nitrogen were penta- 
valent, the bond would be double and the distance less and evidently, in 
the amine oxides, structures of the type (CH,),N—O, make a large 
contribution. In nitrosyl chloride and nitrosyl bromide the NO bond 


length is decreased, from 1:11 to 1:14 A, which suggests that the bond is a 
hybrid of the structures 


N=O N=O+t 
ra 
x xX 
and the multiplicity of the bond is between two and three. 


COVALENT RADII 


During recent years the application of the methods of x-ray and electron 
diffraction to the determination of the structure of molecules has per- 
mitted interatomic distances of a large number of bonds to be obtained 
and attempts have been made to find simple additive laws which will 
describe the observed data. In the case of ionic crystals the suggestion was 
made that each ion could be regarded as a small sphere, which just touch 
each other in the crystal. To each ion, therefore, there may be ascribed 
an ionic radius which is maintained by the ion in all crystals of a particular 
type, for example, in which the coordination number of the ion remains 
the same. For different coordination numbers of a particular ion, it is 
necessary to give different ionic radii. 

Although the idea of ions being likened to rigid spheres which are in 
contact in the crystal state is clearly incorrect when we consider the wave 
mechanical conception of a molecule or an ion, it has proved of considerable 
use in studies of the solid state. In the same way also, radii may be ascribed 
to atoms taking part in a covalent bond, such that the addition of the 
radii gives the interatomic distance. In this case, different values of the 
radius will have to be taken, depending on whether a given atom is taking 
part in a single, double or triple bond. For the construction of a table of 
covalent radii, half the measured bond lengths in homonuclear molecules 
are taken. By this means the radii of the atoms in Cl,, Br,, Na, etc 
may be obtained. The covalent radius of nitrogen is taken as half the 
N—WN single bond distance in hydrazine, and the double bond distance 
is similarly obtained from azomethane. 

The conception of a covalent radius may be tested by considering the 
hydrides. The covalent radius of the hydrogen atom as measured from 
molecular hydrogen will be half the bond length, viz 0-37 A. In Table LIX, 
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Table LIX. Covalent Radius of Hydrogen determined from Hydrides the value of the covalent 
l radius of the hydrogen 


_| Half of atom has been deter- 
Interatomic | interatomic Covalent mined f, thed f, 
Bond Molecule distance distance radius of Med Irom tne ata or 
HX H—X XxX hydrogen the hydrides, and it Is 
A A A seen that the radius 
| varies from 0:37 to 
HH |i, ey aa 0:37. 0°20 A. This variation 
C—H | CH pers 0-77 0°35 might possibly be 
C—H CH, 1-09 0'77 0°32 attributed to the vari- 
C—H | CH, HCN 1-06 0"77 0°29 ation of the ionic 
N-H |. NH. on Sa a6 character of the bond ; 
N—H | NH, Pot 0-74 0-27 that this is not so, is 
O—H | OH 0:97 O'74 0°23 shown by the fact that 
O-H |; H,0 0°97 0°74 0-23 for the case of the most 
| homopolar bonds e 
S—H H,S 1°35 1:05 0'30 dared *S 
F—H | HF 0°92 0°72 0°20 H—H, H—I, H—C, 
Cl—H HCl 1°27 0-99 0-28 the variation 1s. still 
Br—H HBr 1°42 I°l4 0°28 large, being from 0°27 
IH HI #66 199 oy to 0-37, whereas in 
Li—H LiH 1°60 1°33 0:27 the series H—C], H—Br 
Na—H NaH 1-89 154 0°35 and H—I, where there 
K—H KH 2°24 1-96 0°28 is a marked change in 


—_. a _ the ionic character of 
the bond, the value of the radius is almost constant (0-27—0-28 A). 

The experimental value of the internuclear distance in gaseous sodium 
chloride is 2-51 A ; the sum of the covalent radii is 2-53 A whereas the sum 
of the ionic radii is 2-48 A. In obtaining this figure, allowance has been 
made for the decrease, by about 11 per cent, of the ionic radii in the 
gaseous molecule compared with that in the ionic lattice. A similar result 
is obtained in the case of sodium bromide and iodide. Since the radius 
of the positive ion is less, and that of the negative ion is greater, than the 
corresponding covalent radii, it.would appear that differences have been 
compensated. 

In order to improve the agree- 
ment between the calculated and Table LX. Covalent Radii (A) 
experimental values, Pauling® 
has taken average values. Thus, 


. : ° N O F 
for fluorine the radius is taken as sie a aot oon oo ne 
064A rather than o-72A, for 
hydrogen o-30 A instead of 0-37 A. i = i ie 
In Table LX, these values of the oh d i ~ 
covalent radii for several elements ay = as ies Ha 
are given, as corrected’ by is : . 
Shomaker and Stevenson”. ioe aii ae Es , 

In Tables LEXI and LX, : : : a a3 


experimental values of bond 
lengths are compared with the 
sums of the covalent radii and it will be seen that the agreement is not 
good. Nevertheless, the idea of covalent radii is often useful in spite of the 
lack of a theoretical basis, since they permit an approximate evaluation of 
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Table LXI. Comparison of Exterimental Values of Interatomic Distances 
and Sums of Covalent Radti for Halogen Compounds (A) 


Compound 


expt. calc. 
215 2-10 
2°43 2°50 
2°52 2°43 
2°58 2°54 
2°75 2°74 
2°56 2:78 


* Obtained from data for SF, 
t eae eee of the NX bond length in NOX is evidently due to the contribution from the structure 


Table LXI. Comparison of Experimental Values of Interatomtc Distances 
with the Sum of Covalent Radii for Bonds involving Carbon (A) 


( 
| 
Experimental Sum of | Experimental Sum of 
Bond value, from radit Bond value, from radit 
X—(CHs)n X—(CHs5)a 
B—C 1-67 P—C 1°87 1-87 
Al—C 201 As—C 1:98 1-98 
Si—C 1°94 O—C_ 1-42 151 
Pb—C 2:21 s—C | 1-82 1-81 


1°51 


Difference Difference Difference 

(CsK—RbX)} Rb | (RbX—KX)| K | (KX—NaX)} Na 

I O15 3°26 0:03 0°33 2-90 
Difference 

(MI—MBr) 0°20 0:26 

Br 0:08 3:06 ‘ 0°30 2°64 
Difference 

eee 0-17 0°13 


O-17 | 2°89 2°51 


Note—In the vertical column are arranged the differences between the radii of the 
cations, and in the horizontal columns the differences in the radii of the anions. 


the bond lengths in molecules where direct measurement has not been 
sea The deviation from the correct value is generally not greater than 
O-2 A. 

The additivity of the ionic radii of the alkali metals?” and of the halogen 
anions is shown in Table LXIII, where it is seen that the divergence is of 
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the order of 0:1 A. The closer agreement is not surprising as the ionic 
radii of the halogens and the alkali metals are originally obtained from 
the measurements of the interionic distances in sodium chloride, potassium 
chloride etc. 
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DIELECTRIC POLARIZATION 


THE stupy of the behaviour of molecules in an electric field has shown 
that the polarizability and the dipole moment of a molecule are important 
structural characteristics. The fundamental quantity, which is depen- 
dent on both the polarizability and the dipole moment of the molecule, 
is the dielectric constant. Two charges +e and — e, separated by a 
distance r, are attracted to each other according to Coulomb’s law. Ifa 
vacuum exists between the two charges, then the force of attraction will be 
e?/r2. If, however, there is some medium between the charges, the attractive 
force is decreased and is given by e?/er*, where ¢ is the dielectric constant 
which is always greater than unity. The relationship between the diclectric 
constant and the polarizability is given by the Clausius-Mosotti equation 
(see Chapter 18) : 

«e— 1 M4 

ea” gs 3 
where M is the inolecular weight, d the density, V the Avagadro number 
and a the polarizability. The polarization of a molecule is due to three 
different, but simultaneous deformations. First, under the action of the 
applied field, the electrons will be displaced from their mean positions and 
the polarization produced is termed the electron polarization. The more 
closely the electrons are bound to the nucle}, the less will be the deformation 
and hence the smaller the induced moment given by 


7Na see LOnT) 


Mind == ask 


Conversely, if the electron polarizability a, is great, then the electrons will 
be loosely bound. To a first approximation the electron polarization is 
independent of temperature. This is due to the fact that the energy difference 
between the ground and excited clectronic states is relatively great and the 
probability of the electron being in an excited state at normal temperatures 
is very small. Secondly, the nuclei will be displaced from their mean 
positions by the action of the applied field and the polarization produced 
is termed the atom polarization a,. Finally, if the centres of gravity of 
the positive and negative charges in the molecule are located at different 
points, the molecule will have a permanent dipole moment p and under 
the action of the field the molecule will tend to become oriented in the 
position of minimum potential energy. This orientation will be hindered 
by the thermal agitation of the molecules and in consequence a statistical 
equilibrium, which will be dependent on the temperature, is set up, in which 
a slight excess of molecules have their permanent dipoles oriented anti- 
parallel to the direction of the field. The polarization so produced is 
termed the orientation polarization a,. 
Thus we have 


a=azg+a,+a, sas (Ore) 

and 
e— 1 M 4 ! sae 12 
Pipe = a7 Mas + a, +a,) =P ....{10.3) 
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We shall now introduce the terms : 


P,; = 5 nNaz »...(10.4) 
P 4 

r = Tan 2+. (10.5) 
P, = aNao ....(10.6) 


where P is the total molecular polarization and Ps, P, and P, are respec- 
tively the electronic, atomic and orientation polarizations. 

The nature of the polarization produced in a molecule is dependent on 
the frequency of the field employed. At relatively low frequencies (10°) 
the polarization produced is equal to that obtained by a steady, t.e. non- 
alternating, field and is due to electronic, atomic and orientation polariza- 
tion. In the alternating field the molecular dipoles must reorient them- 
selves at each reversal of the field and as the frequency is increased a point 
is reached where the molecules, owing to their inertia, are no longer able 
to follow the reversals. At high frequencies, therefore, orientation polariza- 
tion due to permanent dipoles does not occur. At still higher frequencies 
the nuclei cease to follow the oscillations of the field and the polarization is 
due entirely to the displacement of the electrons. 

The frequency at which the dipoles cease to orient themselves in the 
alternating field may be obtained by calculating the relaxation time of the 
molecule, as was first done by Debye. The relaxation time is the period 
taken by the oriented molecule to return to 1/exp of the original deflection, 
when the field is removed. According to Debye, the time of relaxation 7 is 
given by: 

t= 4nna3/kT ». (10.7) 


where 7 is the viscosity of the medium, & is the Boltzmann constant, 7 the 
absolute temperature and a the radius of the molecule. For the water 
molecule, a = 2 X 107-8cm and hence 7 = 0-25 X 107!°sec. Thus at 
frequencies greater than this value the water molecule will not be able to 
follow the reversals of the field and the total polarization will be due only 
to the atomic and electronic polarizations. Knowledge of the polarization 
at such high frequencies may be obtained by employing a relation, derived 
by Maxwell, that for measurements carried out at the same frequency, 
¢« = n?, where n is the refractive index of the substance. Substituting this 
expression in equation 10.1 we obtain 


2 
dda te P » (10.8) 
n?+t2d 

where P will be equal to either the sum of the atomic and electronic polariza- 
tions or to only the electronic polarization, depending on the method of 
measurement of the refractive index. Since the experimental procedure for 
determining the refractive index using infra-red light is extremely difficult, 
it is usual for the majority of substances, which absorb light in the ultra 
violet region of the spectrum, to measure the molecular refraction using 
the Nap line and assume that this gives the sum of the electron and atom 
polarizations. Alternatively the refractive index is obtained for several 
wavelengths in the visible region of the spectrum and the refractive index 
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calculated for light of infinite wavelength by the use of an extrapolation 
formula. The polarization then obtained is regarded as being due only to 
the distortion of the electrons. These methods, although approximate, are 
often satisfactory since the atomic polarization is generally small, as will 
be seen below. 

The electronic polarization produced in a molecule is not the same in 
all directions and the quantity ag represents an average polarization equal 
to (a, + a, + a,)/3, where a,, a, and a, represent the electronic polariza- 
tion in the direction of three mutually perpendicular coordinates. Certain 
methods of measurement of the polarization (Kerr effect) permit the 
separation of a into the different components and the determination, for 
example, of the polarizability in the direction of valency bonds and in the 
direction perpendicular to the bond. From the data so far obtained, how- 
ever, no significant conclusions relating to molecular structure have been 
made. 

The polarizability has the dimensions of a volume ;_ thus we have 


charge 
length? 


a ....(10.9) 
a = (length)? .. (10.10) ae 


m = charge X length = a X pressure = a X 


Furthermore, we may show that the value of; 
a has the same order of magnitude as that ofthe ' 
third power of the radius of an atom t.e. (1078)3 
cm. In order to do this we use Bohr’s picture : 
of the hydrogen atom. The electron moves in an 
orbit round the nucleus fixed at the point O 
(Figure 36). Under the influence of the applied | 
field, F, the plane of the orbit is displaced 
through the distance OA, equal tos. The force 
acting on the electron is eF, and owing to the 
displacement of the electronic orbit, there is an‘ 
induced moment m given by, 


m= es =aF »... (10.11) 


The attractive force between the electron and Figure 36. Polarization of an 
the nucleus is ¢?/r?, which will havea component 72" 4% rgd basis of 
in the direction OA equal to 


e* cosB/r2 = e*s/r3 .... (10.12) 
This force neutralizes the influence of the applied field and hence 
eF = e*s/r3 ....(10.13) 
or 
es = Fr? ....(10.14) 
and combining equations 10.11 and 10.14 we have, 
a=" »... (10.15) 


Since the distortion is not great, r? is very nearly equal to a3 (a = the Bohr 
radius) ; exact calculation by the methods of wave mechanics gives 
a = ga%/2. This expression may be used to determine the magnitude of 
the electronic distortion and from the polarizability of helium it may be 
shown that in a field of 300 volt/cm, the distortion is 2 X 107% cm. 
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Determination of the atomic polarization presents many difficulties. 
The frequencies corresponding to the vibration of the nuclei lie in the 
a infra-red region of the 
XIV, Pol 

Table LXIV,. Atom Polarizations spectrum and the method 
_ generally employed is the 
Atomic determination of the re- 

polarization os . - oe, 
fractive index using infra- 
red radiation. Generally 


Atomic 
Molecule | polarization 
ce 


| 
: Molecule 


| 
\ 
| 
| 
! 
ee an Nitrobenzene 


ee 3°2 al 3°8 the atomic polarization is 
celone O:9 Diuene 0°9 not large as is shown by 
Pyridine 15 Diethyl ether 3°2 
-Picoline if Dioxan 6 the data of CARTWRIGHT 
l and Errera! given in 
ae ro |! ce 0°55 Table LXIV. In certain 
iblethyl aicoho 1°g exane 0°2 7 
Ethyl alcohol 33 |! Carbon disulphide 2g cases, however, the atomic 


| polarization is found to be 
much larger, thus, for 
example 7 8, in 1,3,5-trinitrobenzene, Py = 12 cc, in p—benzoquinone, 
P, = 8 cc and in tetrachloro—p-quinone, P, = 15 cc. Coop and 
Sutton? consider that in these molecules the high atom polarizations are 
due to the bending of the molecule by the applied field ; thus in the case 
of p-benzoquinone and its derivatives the atom polarization would be 
largely due to the bending of the highly polar C=O bond relative to the 
rest of the molecule and perpendicular to the plane of the ring. 
For all molecules possessing a ees dipole moment 


e—1 M == Md 

e+2 d Co es raf +2 ad 

The relationship between the dipole moment and the orientation polariza- 

tion has been developed by Debye by applying Langevin’s theory of para- 
magnetism to electric dipoles (see Chapter 18). The desired equation is 

Qo = p?/BKT .... (10.17) 


where T 1s the absolute temperature, & the Boltzmann constant and p is 
the dipole moment defined by 


. (10.16) 


p= ed 
where e is the value of the charge and d the distance between the charges. 
Substitution of equation 10.17 into 10.3 gives : 
e—1l M_ 


—ee a 5 7N (as + a, +afF ) . (10.18) 
and the orientation polarization will be given by 
4 4nNp? 

0= 3 7Nao = gz ....(10.19) 


The Clausius-Mosotti-Debye equation, 10.18, permits the permanent 
dipole moment of a molecule to be determined from dielectric constant 
measurements. This may be carried out by either of two general methods : 
by measuring the dielectric constant at different temperatures it 1s possible 
to eliminate ag and a, from equation 10.18 and thus calculate p, or a, 
may be obtained by refractive index measurements in the visible region of 
the spectrum and it 1s usual either to neglect a, or to assume that it 1s equal 
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to a small fraction (¢.g. 5 per cent) of ag. Substitution ofvalues of the con- 
stants into equation 10.18 gives at 25°C 


— eee! 


v= 0-22.) Po = 02 P— Pz, — P, ....(10.20) 


For molecules possessing a large dipole moment, the orientation polari- 
zation is large and any error in the values of P, or Ps does not significantly 
affect the values of Py. For small moments, however, of the order o-2D 
(1 Debye = 1D = 1078 e.s.u), Po is of the order of 1 cc and appreciable 
errors in the value of the dipole moment may occur. 

According to the assumptions made in the derivation of equation 10.19 
it is strictly valid only for the case of gases, where there is no molecular 
interaction and the molecules are oriented independently of one another in 
the external applied field. However, Debye suggested that measurements 
in dilute solution of non polar solvents, e.g. benzene, hexane, carbon tetra- 
chloride, would be permissible and the validity of this method has been 
confirmed by the fact that for a number of molecules, the difference between 
the value of the dipole moment determined in the gas phase and in solution 
is not greater than 0-2 D. ‘The measurement of dipole moments in solution 
permits the examination of the polar characteristics of a number of sub- 
stances which do not lend themselves easily to measurement in the gas phase. 

The dipole moment of a molecule may also be directly measured by the 
molecular beam method in which the beam of molecules 1s passed through 
a non-uniform electric field. If only induced polarization exists in the 
molecule, the molecular beam is deflected in the direction of the stronger 
electric field, but if the molecules have a permanent polarization, there is 
a broadening of the beam, the extent of which is dependent on the dipole 
moment. Exact determinations by this method have not yet been possible, 
but the method has been of use in determining the dipole moment of ion 
pairs (molecules) of NaCl, which cannot be measured in any other way. 


REFRACTION 


Inorganic compounds—Very little data exist on the polarizability of atoms. 
Values are known for the inert gases, some of the 


elements of the first group and for iodine. These Pala ast sy lon 

data are given in Table LXV together with a value (cc X 10%4) 

for the polarizability of the hydrogen atom calculated 

by quantum mechanical methods. On transfer from i Z 

hydrogen 15 to helium 1s° in which the K electronic | Pea 

shell is filled, the polarization 1 increases and the intro- ' He Li 

duction of ans electron in the 25 orbit, as in lithium, | 0-20 12 

produces a marked increase in the polarizability. ae 

This behaviour is repeated with argon and potas- ie | 

sium and with xenon and caesium, but the pro- | 

portionate increase in polarizability decreases as the Ar | kK 

total number of electrons increases. Thus the ratio 1-66 , 34 

of the polarizabilities of the first group elements and Kr 

the corresponding inert gas decreases from 60 with 2°54 

lithium and helium, to 20°5 with potassium and a 

argon and to 10-1 for caesium and xenon. I Xe Cs 
$96 | 4:15 42 


The polarizabilities of the inert gases neon, argon, 
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krypton and xenon are in the approximate ratio 1:4:6:10 and it is 
interesting to note that a similar sequence occurs in the polarizability of the 
molecules of the halogens, the ratio for fluorine, chlorine, bromine and 
lodine being 2-91 : 11°67 : 17°43 : 31°97 (in units of 10—%4 cc which will be 
used throughout this text). The polarizability of the hydrogen molecule is 
0-81, a value which is considerably less than the sum of the polarizabilities of 
two atoms of hydrogen ; it is thus evident that the two electrons forming 
the bond, z.e. moving in the field of two nuclei, are more closely bound to 
the nuclei than in the free atoms. In the iodine molecule, on the other hand, 
the polarizability in the gaseous state is 12-7 and in benzene solution 16-3, 
values which are more than double the polarizability of the iodine atoms. 
The increased looseness of the electron cloud in the molecule compared 
with the atom is probably related to the fact that iodine shows some 
metallic characteristics. 

The polarizabilities of ions have been determined by Fajyans and Joos 
from measurements of the refractive indices of salts and have been calcu- 
lated theoretically by Born and HEIsENBERG, PauLinc and others*. The 
polarizabilities of singly and doubly charged ions are given in Table LXVI, 
the values for Lit and Be?+ have been taken from the data of Pauling and 
the remainder of the values are those of Fajans. The data show that the 
polarizability is much greater with anions than with cations ; with cations, 
the positive charge will tend to counteract the displacement of the electrons by 
the applied field, but in anions the greater the number of additional electrons 


Table LXVI. Polarizability of Ions there are present, the less strongly is 


(co X 1074) the electron cloud bound to the nuclei and 
the greater its deformation by the field. 
H- Lit | Be?t (Comparison of the values in Tables LXV 


1018 | 0°03 | 9008 and LXVI shows that the polarizabilities of 
Oz F- | Nat | Mgt the inert gases fall between the values for 
2°74 0-96 | o1g | o10 the corresponding isoelectronic ions e.g. 
se ae) ae ae camer of oases & pele di 
8-94 3:60 0:89 0°55 aa : P 
relate the refractivity of a molecule to the 
Se? | Br~ | Rbt | Sr*_ refractivities of the corresponding ions. 
114 5°0 1-50 | 1:02 For example, the value of the molecular 
Te2- I- Cst | refraction for SnCl, cannot be regarded as 
16% 760 | 260 | 1°86 the sum of the refractivities of the ions 
$$ —_ Sn*t and CI -, as the existence of such ions 
in the molecule is improbable. The field due to the Sn‘+ ion, with four 
positive charges, will be so great that the chlorine ion will not preserve its 
individuality, and the deformation of the electronic cloud of the chlorine ion 
whilst in the field due to the Sn‘*t ion cannot be regarded as related to the 
deformation of the electron cloud ofa free chlorineion. The stannic chloride 
molecule must be regarded as a resonance hybrid of the covalent and various 
ionic states in which the charge on the tin ion is relatively small and the con- 
tribution of the form containing Sn‘* is insignificant. 


Cl Cl Cl Cl Cl- Cl- 
NF \ 
Sn 


Snt Sn2+ 

ZX x Xs SoN 
Cl Cl Cl Cl Cl Cl 
four structures Swe structures 
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In Table LNVIJ the refractions of atoms of the inert gases and of several 
molecules isoelectronic with the inert gases are given. ‘The refraction has 
a minimum value for each period at the inert gas, in which the electrons 
are located in the ficld of one nucleus. As the number of atoms in the 
molecules is increased, the electron cloud becomes more and more decentral- 
ized and polarization increases. Similar behaviour is noticed with the iso- 
electronic ions with one negative charge, e.g. F—(2:42) and OH~(5:10) ; 
Cl-(g:0) and SH~(13:2). It is interesting to observe from Tables LXV and 
LXVII that the refractions of the hydrogen halides are approximately 
three quarters of the values for the corresponding negative halogen ions. 
This may be related to the factthat +41 p yur Refraction of Isoelectronic Atoms 
in the ions F ’ Cl ; Br- and I and Molecules (cc) 
there are eight outer electrons where- 
as in the corresponding isoelectronic Ne HF | H,O ; NH, | CH, 
molecule, two of the eight outer elec- ‘'° (1-9) 3°75 | 5°67 | 658 
trons are bonding electrons, leaving ay HC! | HS | PH, | SiH, 
six, t.¢. three quarters of the total, 4:2 6-7 957 | 11-7 11°34 
capable of being polarized : 

Let us now consider the effect of pe HBr | H,Se 

ae ‘37 g'16 | 12°02 
the variation of charge on the refrac- 
tion of isoelectronic molecules. Asis Xe HI 
shown in Table LXVIII the refraction 10°4 | -:13°7 
falls with a decrease in the negative “{, cider to convert values of the polarization, or 
charge and falls still farther with the molecular or atomic refraction into polarizability it is 
: woe necessary to divide by 4 7.V = 2°52 X 10729, 
formation of a positive charge. But 
the decrease in negative charge and the increase of positive charge 1s also 
accompanied by an increase in the number of nuclei between which the 
electrons are distributed. This will in itself 
Table LXVIII, Refraction of Isoelec- bring about a decrease in the refraction and 
tronic Jons and Molecules (cc) therefore the change of refraction with charge 
is not sO great as is indicated by the data in 


O?- 69 Table LXVII, Nevertheless, it is interesting 
eo 5°! ni : to note that the refractions of O?-, OH~ and 
H.O+ ey | NH.+ a 7 —H,O are approximately in the same ratio as 


that of the outermost electrons not participat- 

ing in the formation of bonds, t.e. 8 : 6 : 4. 
The refractions of bonds containing hydrogen are given in Table LXIX. 

These values have been obtained from the refractions of the corresponding 


molecules by dividing by i" 
ihe number of bonds Thee ee es oe Hydrogen 


refraction of the bonds of ii 
elements of the second period Bond Refraction | Bond Refraction 
with hydrogen, are very simi- ane Pema 
lar, whereas those with C_H(CH,) ° 1:69 || Si—H (SiH,) | 3-0 
elements of the third period ae LG) ) at : et ne 33. 
increase considerably. The ~— had an eo : 
refractions of the bond, Bere ireh | (1-9) | Go HAMeY Pa 


O+—H in H,O+ (Table 
LXVIII) is 1-01 cc whilst that of Nt+—H in +NH, (Table LXVIIL) is 1-02 ce. 
Both these values are considerably less than the corresponding values for 
O—H and N—H (Table LXIX). As expected, the refractions of bonds in 
anions are greater than in the corresponding neutral molecules. Thus in 
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(CN), the CN bond has a refraction of 5:3 cc whereas in CN7 it has the 
value 8:3 cc. The latter value is also greater than the values for CO and 
N, (4°4.cc), which are isoelectronic with CN-. 

Table LXX. Refraction of Bonds ContainingOxygen ie ane asi are ean 


| | Refraction in types of bonds between 
| Molecule | SO bond 


Refraction in 
SiO bond 


Refraction in | 
Molecule | CO bond || Molecule 


| ci ps | ie ee een serine 
Se silicon and_ sulphur 
Simple esters | 52 | 
ge a3! | go.) ger | 80, | a7 (Table LXX) shows that 
GO eo ores tae sip ae a two factors may bring 


———_-———_ about an increase in the 
value of the molecular refraction, an increase in the multiplicity of the bond 
and the appearance of a negative charge. The first effect is shown by a 
comparison of the values for the carbon oxygen bonds occurring in esters, 
CO, and CO. In CO,?-, each bond possesses only one third double bond 
character, but owing to the two negative charges, the refraction of the bond 
is greater ‘than in CO,. Similar behaviour occurs with SiO, and SiO,?- and 
with SO,, in which each bond possesses one third double bond character 
owing to the resonance between three structures of the type 


O- 


O = S2t 
s 
O- 

and SQOg,, in which the bonds possess one half double bond character owing 
to the resonance between two structures of the form 

St 

we 
O O- 


Organic compounds— For a large number of organic compounds it is found 
that the bond refraction is an additive quantity. As an example of this 
relationship between the number and type of bonds and the molecular 
refraction, Table LXXI gives the differences in the values of the molecular 


Table LXXI, Additivity of Refractions in a Homologous Series 


| | Difference as Difference as 
Molecule Refraction compared with || Molecule Refraction compared with 
ce previous member , | ce | previous member 

n-Pentane | 25°28 528 | | n-Nonane 43°78 | 4°65 
n-Hexane 29°86 4°58 '  n-Decane 48-41 4°63 
n-Heptane 34°51 | 4°68 _ n-Undecane 53:06 4°65 
n-Octane | 39 13 | 4°62 | n-Dodecane | 57°67 | 4°61 

‘ | 


refraction of neighbouring members of a homologous series ; these are found 
to be almost constant. Furthermore, the refractions of isomers are found to 
be the same, e.g. o—xylol, 35°75 ; m-xylol, 35:9, and p—xylol, 35-69. From the 
molecular refractions the bond refractions may be obtained and the values 
for some typical bonds are given in Table LXXII. The bond refraction 
increases with the multiplicity as is shown by the data for the CC bond : 
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C—C, 1:25; C=C, 4:16; C=C, 6-4. The transfer from a single to a 
double bond increases the refraction by 2-91 cc and the transfer from a 
double to a triple bond increases the refraction by the smaller value of 
2:24cc. Thus it appears that for carbon, the o electrons are polarized less 
than the 7 electrons. This is not so, however, with the O—O and N—N 


Table LX XII. Bond a 


{ | 

Bond | Refraction Bond ten Bond | ae 
ce | 

Seas Te ee | eee: 
CH | 169 CBr | 6: c=c | 64 
C—N (1°54 C—I 14°55 C—O | st-51 
C—F 72 C—C 1°25 C=O 3°38 
c—cl | 6-53 C=C 4:16 


bonds. The refraction for the single O—O bond may be obtained from the 
data for hydrogen peroxide and from organic peroxides and peracids and 
the values obtained are given in Table LXIJII, from which the mean value 
for the O—O bond is taken as 2:25 cc. The refraction of the normal oxygen 
molecule is 4:69 cc and the second pair of bonding electrons produce a 


Table LNAI. Refractions of Peroxides 


Molecular | Bond Molecular Bond 


| 
Molecule | refraction | refraction Molecule refraction | refraction 

ce ce | ce ce 
H—O—O—H | 5°81 | 221 || CH,OOCH, 15°40 | 215 
CH,O0OH | 1074 ' 2-31 CH,OOC,H, 20°09 2°22 
C,H,OOH 15°18 217 || C,H,OOC,H, 24°72 2°23 
(CH;), CHOOH | 20°01 2°33 | 

| 


refraction of only 1°84 cc te. less than that produced by the first pair. 
Similar behaviour 1s noticed with nitrogen. The refraction of the single 
N—N bond, may be obtained from the molecular refractions of hydrazine 
and the value obtained is 1:72 cc. In molecular nitrogen, where the atoms 
are bound by a triple bond the molecular refraction is 4-4. cc. Thus the 
contribution from the four z electrons is 2°68 cc, 7.e. 1°34 cc for each pair of 
mx electrons, which is a smaller value than that obtained for the o bond. 
This difference between the behaviour of carbon and of oxygen and nitrogen, 
will be discussed again in the next chapter from the point of view of the 
bond energies. 

The refraction of molecules may be calculated by the addition of the 
appropriate atomic refractions. It is necessary to add to the sum so obtained 
additional quantities corresponding to the multiplicity of the bonds in- 
volved. For a large number of molecules, the calculated and measured 
values of the molecular refraction agree, within the limits of experimental 
error. In molecules containing a conjugated system of double bonds, 
however, deviations from the additivity rule occur, the experimental value 
always being greater than the calculated. The difference, R.,— Ra, may 
be termed the refraction exaltation and values are given for a variety of 
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Table LXXIV. Exaltation of Molecular Refraction for Molecules with Conjugated Double Bonds 


CH,=CH—CH=CH, C,H;,—CH=CH—CH=CH, 


CH,=C—CH=CH, 088 | C.H,—CH=CH—CH=CHCH, 


| 
CH, | 
C,H,—CH=CH—CH=CHCH,CH, 


CH,CH=CH—CH=CHCH, 1-76 
an C,H, got 
3 | 
/ CH=CH—CH=CHCH 4°68 
CH,—CH—CH=C I ‘73 
\ CH, 
CH; 
CH,—C——-C=CH, 0°75 C,H; ye 
des, has, CH=CH—CH=CHCH,CH 4°14 
CH,CH=CH—CH=CHCH,CH, | 1:96 CH; 
CH, C,H;—CH=CH—C,H; 6°20 
ca alae 0°86 C,H aC ek 3°98 
3 CH; CH, 
H=C—CH=CHCH 
CHS ? as C,H,—CH=CH—C,H,—CH; 6°35 
CH, 
CH,=CHC==CCH=CH, 2°07 
C,H,—CH=CH, I 16 
=CH—CH=CH--C,H ; 
C,H,—CH=CHCH, 1-31 || CcHs-CH=CH—CH pana s | (3-5) 
C H,—C=CH; oO 
° uf C,H;—CH=CH—CH=CH—C,H, | 7-89 
3 (cts-cts) 
C,H;—C=CHCH, 082 || CH,—CHCHO 0-62 
3 CH, CH,CH=CHCHO I -36 
/ 
C,H,—C=C 0°57 CH ,—=CHCN 0°31 


CH,CH=CHCN 


molecules containing a conjugated system in Table LXXIV. In all such 
compounds, owing to the contribution of the structure CH, -CH=CH—CH, 


to the resonance of the molecule, carbon atoms 1 and 4 have partly the 
character of free radicals and very probably the exaltation is caused by this 
property, since the number of electrons used in bond formation by the 
terminal carbon atoms has been reduced. The replacement of a hydrogen 
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Table LXNV. Exaltation of Molecular Refraction for Cyclic Compounds 


Molecule Exaltation AMfolecule Exaltation 
ce ce 


O 2°55 Z:1t 
CH, 
Or | 
5°53 
CH, 
Oo 2:80 3°76 
CH; 
2°44 4 
8:17 
) 2°97 
H,C—CH, ge 
H, 
1°30 


0°27 
xD 8-03 


1.80 


-' 
= 


= 


3 


os 


pat 
bo 
Sy) 
DH 


atom by a methyl group on a carbon atom forming part of the conjugated 
system, t.¢. not a terminal carbon atom, as in 1—methylbutadiene (isoprene), 
2,3-dimethylbutadiene and a-methylstilbene, considerably lowers the 
exaltation. Molecules containing double bonds which do not form part 
of a conjugated system, e.g. CH,—=CHCH,CH,CH=CH, (diallyl) or 
C,H,;CH,CH=CHCH,CH,CH, do not show exaltation of the molecular 
refraction. 

The absence of exaltation in a number of conjugated ring systems such 
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as benzene, dihydrobenzene, hydrindene, tetralin, cyclopentadiene, 
cycloheptadiene, cyclo-octadiene is not clearly understood. In polycylic 
systems, exaltation does appear (Table LXXV) and increases with the 
increase in the number of rings. For a—methy! derivatives of naphthalene 
and anthracene, the exaltation is somewhat less than for the B—derivatives. 
Comparison of the 1, 2- and 1, 4-dihydronaphthalenes shows that in the 
former compound there is a small exaltation (1-30 cc), probably due to 
the contribution of the structure 


H, 
DOR 
| AY 2 
WS 


to the resonance of the molecule. With the latter compound however the 
double bond is isolated in the 2, 3~position and the exaltation is consid- 
erably reduced (0:27 cc). 

One of the main difficulties in the interpretation of refraction data, is 
that reliable measurements, such as those given by EGLorF®, are not always 
available and many of the values recorded must be regarded with sus- 
picion. Furthermore, in the majority of cases, extrapolation to infinitely 
loug wavelengths is not possible owing to the lack of data. It is true that 
if the substance absorbs in the far ultraviolet the difference between Rp, 
and R, will be small, e.g. for benzene Rp = 26-19 cc and Ry = 25°12 cc, 
and comparisons of the values for different substances is permissible, but 
for molecules which absorb in the longer wavelength regions the exaltation 
may depend considerably on the wavelength at which the refractive index 
was measured. As an example of this behaviour, the data® for p—nitraniline 


JTable LXXVI. Variation of Exaltation of Molecular Refrac- a ahaa eas Table ‘s oe 
tion of p-Nulraniline with Wavelength and it is seen t at the 

FEW LEAS GRRE GSE cE! variation of exaltation with 

Wavelength A) 4,358 | 5,460 | 5,790 | 6,707 | (extrapolation) Wavelength is very large. 

coer | |S ER | ee Es . 

Exaltation ce | 14°85 | 7ot | 640) 523) 9 27 The exaltations of mole- 

a cular refraction for a number 


ol s ly polar substances 
Pi TRAV: Bealiiion of Aloieiler Repacienas Gf COONEY POD Manes 


Polar Molecules are given in Table LXXVII 
and it would be of consider- 
Molecule a | Molecule | Beata able interest to determine 
the influence of the reson- 
2,9-Dinitraniline | o-Nitrophenol | 286 ance of the malecule on the 
2,4~Dinttraniline || m~Nitrophenol — 1°06 : ° 
2 ,6—Dinttraniline hire | p-Nitrophenol — 4°90 exaltation. In certain cases 
~Dinitraniline : ;, 2,4-Dinttropheno 2°1 : : 
oe 6—-Trinstraniline : 1-9 ~— |, 2,3—Dinitrophenol | Ig the exaltation IS very low, a 
| * fact which may be related 
Nutrophenylendiamine | 4'0 | 2,6—Dinitrophenol | 2°4 ] A ‘ 
SNe aot Demin = 09 |. 3:4-Dinitrophenol 7 to a small contribution from 
Nitro a—naphthy lamine —1! Bi ‘| 3,6—Drnitropheno 2'0 1 1 
2,6-Dimethyl-y-pyrone ! 1'09 ! Michler’s Retone | g'! the 10n1C form. In general, 
i 


however, the existing data 


* All data given in this table have been obtained from refractions 1§ insufficient for any general 
extrapolated to oc. The data used for the calculated values were di : : 
obtained from benzene and the monosubstitution products of benzene. 1ISCUSs10nN. 


DIPOLE MOMENTS AND THE IONIC CHARACTER OF BONDS 


In the diatomic molecule, which must form the basis for a discussion of the 
experimental data on dipole moments, the relative contributions of 
the covalent and ionic forms determine the magnitude and direction of 
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the dipole moment. Molecules containing a purely homopolar bond do not 
possess a permanent dipole moment as is shown by the data for diatomic 
molecules consisting of identical atoms. However, in Chapter 3, it was 
found necessary in order to improve the calculations of the bond energy 
and interatomic distance of the hydrogen molecule, to consider in addition 
to the homopolar form, H—H, the ionic states HTH+ and HtH~-. Never- 
theless, it would be incorrect to ascribe any polarity to the hydrogen molecule 
as the contribution of the two ionic forms is exactly equal and the electron 
cloud due to the two electrons forming the bond is symmetrical. The absence 
ofa permanent dipole moment has been proved for all homonuclear diatomic 
molecules, ¢.g. Hy, Ne, Ov, Gla, Bro, Io, ete. 

It is possible to show that for covalent bonds between different atoms, 
the dipole moment does not excced 0:1 D. For a purely ionic bond the 
dipole moment » must be equal to 

pe = ed 

where e is the charge and d the distance between the centres of the ions. 
Intermediate values of the dipole moment show that the bond 1s ncither 
entirely covalent nor purely ionic, but is formed by a superposition of the 
covalent and ionic forms ; a comparison of values of dipole moments of 
different bonds permits a quantitative assessment of the contributions of 
the covalent and ionic forms in a bond to be made. It ts necessary to 
appreciate, however, that the magnitude of the dipole moment is dependent 
on two factors, the charge and the internuclear distance. Thus for a 
comparatively small effective charge, the dipole moment may be significant 
if the bond length is considerable. A more significant characteristic of 
polarity than the dipole moment would perhaps therefore be the ratio 
between the observed dipole moment and the interatomic distance. 

From the experimental values of dipole moments it is possible, in a 
number of cases, to make a semi-quantitative evaluation of the weights of 
the various valence bond structures contributing to a bond (see Chapter 18). 
These calculations must be regarded as only approximate since the bond 
is described in terms of the Heitler-London theory with the superposition 
of ionic states. The results cannot, therefore, be more precise than is 
permitted by the Heitler-London approximation. Nevertheless, the cal- 
culations are of significance since they permit an assessment to be made 
of the more important structures contributing to the bond and thus assist 
in predicting and explaining the reactivity of bonds. 

According to Pauling, a bond in a diatomic molecule may be regarded 
as a resonance hybrid of only two structures, the ionic and the covalent; 
the contribution of the transitional structure is thus assigned partly to 
the ionic and partly to the homopolar states (1n Chapter 3, and in particular 
in Chapter 7, it was shown that the wave function for a bond may be 
represented by a combination of the following functions : y,(1)¥,(2) 
+ w,(2)¥,(1), representing the homopolar molecule ;_ ¥,(1) (2) ¥.(1) ¥.(2), 
representing the transitional structure and ¥,(1)%,(2) + ¥(t)¥(2) repre- 
senting the ionic structure). This treatment causes, in general, an over- 
estimate of the contribution of the ionic structures, as for instance the 
O—H bond in H,O, which Pauling does not consider to be correct (see 
DyaTxkina’). The calculation of the contribution of the transition structure 
and its separation from the other two structures is most important since it 
is in the transitional structure that the quantum mechanical concept of 
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exchange occurs and as we have seen, it is the exchange energy which is 
largely responsible for the stability of the molecule. 

During the following discussion we shall employ wherever possible dipole 
moment data obtained from measurements on gases, since these values are 
the most accurate. When such data are not available the values are taken 
from measurements on dilute solutions in non-polar solvents. Such values 
Table LXXVII. Dipole Moments and Weights of Structures 2T© denoted by the sub- 


pe ae script s. 
He AA ENO B em tA auGes Table LXXVIII gives the 


Internuclear Weights of bond structures per cent dipole moments and the 

Bond | Dipole moment | distance |——————___ —___ : 

D A Homopolar | Ionic | Transitional Calculated weights of struc- 

H—F Boo. Sega iy ae 3g ‘35 tures for the hydrogen 

H—Cl 1:03 1°27 7 6! 6 23 halides. The data show, in 
~ rad o 1° | I e e 

H-I O48 61 a | ; 8 agreement with the chemical 


behaviour, the increasing 
homopolar nature of the bond in the series, HF, HCl, HBr, HI, the tran- 
sitional structure in each step making a greater contribution than the 
ionic structure. 

The resultant dipole moment of a polyatomic molecule is conditioned by 
the presence of polar groups and bonds, each of which may be regarded as 
having its own dipole moment ; the total dipole moment of the molecule 
is obtained by adding vectorially the moments of all the bonds. This pro- 
cedure is supported by the data of EuckEN and MeEyeErR® and may be 
illustrated by considering the water molecule. The water molecule is 
triangular in shape, with the H—O—H bond angle having the value _ 105°. 
The resuitant moment of the molecule will therefore be the vector sum of 
the moments of two O—H bonds. From the experimental value for the 
water molecule of » = 1°84 D and the formula that 


245,008 52° = 1-84 
we obtain 
Mop= 1:51D 
Making a similar calculation for dimethyl ether we obtain Hono = 1°12 D. 


Applying these values to methyl alcohol which contains one CH,—O and 
one O—H bond, 


O 
JN 
H,C H 


we find that the calculated value, 1-71 D is very close to the experimental 
value 1°69 D. 


Table LXXIX. Relative Weights of Valence Structures 


Dipole Dipole | Weight of structures 
moment 


DIPOLE MOMENTS 


The vector addition of dipole Table LXXX. 
moments is only permissible if the Relative Weights of Valence Structures in HO 
weights of the ionic states in the” —. . | ~ 


various bonds does not alter signifi- Structure Weight of structure 
cantly in the various compounds, such perce 

as would be produced if molecular == ——<“‘ia_OCS 

resonance occurred ; in these cases Homopolar 

only is it possible to assign definite H-O—H si 27 
values for the contributions of the Single ionic form | 

various valence bond structures. The !!* O-—H HW) 2x95 = 19 
data for the bonds OH, OR, NH, Double ionic form 

NR and SH are given in Table H* O* H* HI 4 
LXX1X and the weights of the various 7T,gnsitional Lu a1 
structures contributing to the bonds Transitional Lu 8 
have been calculated and are given Transitional HI-HI 11 


in Tables LYXX to LXXXVIL. SS ee a eee 
It is possible to make certain general deductions from Tables LXXX 


Table LXXXI. Relative Weights to LXXXVIH. The contribution of the 

of Valence Structures in CH,OCH, entirely ionic structures of the type 
suggested by Kossel, in which the 

Structure Weight of structure electronic structure of the ions re- 
percent —_ sembles that of an inert gas, is found 

Homopolar | to be insignificant. Thus in water the 
CH,—O—CH, I 57 contribution of the structure 
Single ionic form H+O?-H?* is 4 per cent whereas in 
+CH, O-—CH, IJ/| 2x5=10 dimethyl ether the corresponding 
Double ionic form structure *tCH, O?— +CH, contni- 
+CH, O* +CH, III I butes only 1 per cent. This observa- 
im tion must be connected with the small 

ph aera! aa a affinity of oxygen for two electrons, 
Transitional U-WUI 2 1.¢. although the electron affinity of O 


———  —_——— 1S considerable, that of O- is negative. 

The single ionic structures are, however, significant, the contribution 
+O-—Ha —_oO- 

; . ; Relative Weights of Valence Structures in CH,OH 

In ammonia there is noevidence for SO ——S—C—“‘C ‘i; 
the existence of the triply ionic form 


(Table LXXXII1) a fact which is ex- aad ee 
plained by the exceptional endothermic ——-__________ 
nature of the reaction N->N3-. Ofthe ae 
ae hae ae ; 
possible ionic structures of ammonia, CH,—O sah 
only H, N- H+ (13:5 percent) appears lee 
to be of significance. The ammonia Single ae Sorm y 


molecule is a trigonal pyramid with ~*~ 
the nitrogen atom at the apex and tag ee wi 
the three hydrogen atoms in the plane . oe 

of the base. The NH bond length 4 "Ox 1h.” ry 
is 1-o1 A and thedistance from the apex ae a 
of the pyramid to the centre of the /ransitio . 
base is 0-3 A. If we assume that there Piece stare spits oe ade 
is one negative charge at the apex of 
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Table LXXXII, 
Relative Weights of Valence Structures in NH, 


Structure Weight of structure 
per cent 
Homopolar H 
H—N I 16 
HI 
Single tonic H 
form 
HAN- Wl | 3X 45 = 135 
H 
Double tonic 
form Ht 
H — N?- II X13= 3 
H+ 3 3 3°9 
Triple tonic 
form = 
Ht N32 IV 03 
H- 
Transitiona! 1-1] 27:3 
Transitional I-III 15 
Transitional I-IV 3 
Transttional II-T1I 15 
Transitional II-IV 4 
Transitional {I-IV 2 


the pyramid, ze. on the nitrogen 
atom, and one positive charge in the 
centre of the base, i.e. shared equally 
amongst the hydrogen atoms, then 
the dipole moment will be, »=4:8 
x 10728 xX 0-3 KX 1078 = 1°44 K 10738 
e.s.u, which is close to the experi- 
mental value of 1:46X107!8 e.s.u. 
We may thus obtain an approximate 
picture of the nitrogen molecule as 
having a single negative charge on 
the nitrogen atom and one third of a 
positive charge on each of the hydro- 
gen atoms. From this argument it 
follows that the nitrogen must be 
essentially divalent. 

Homopolar structures make a sig- 
ficant contribution in all the molecules 
observed and their weight increases 


in the series water, alcohol, ether 
(27, 36 and 57 per cent respectively). 
In hydrogen sulphide the contribution 
is much greater than in water (67 
compared with 27 per cent). Re- 
placement of hydrogen by a methyl 
group causes a gradual increase in 
the contribution of the homopolar 
structure in amines, the values for 
ammonia, primary, secondary and 
tertiary amines being 16, 24, 38 and 
61 per cent respectively. In methyl- 
amine, the structure with a positive 
charge on one hydrogen atom te, 
CH, -NH Ht makes a contribution 
of 6-8 per cent whereas the analogous 
structure with a positive charge on 
the carbon, tCH, —NH,, makes an 
insignificant contribution. This ob- 
servation is in conformity with the 


Table LXXXIV. 
Relate Weights of Valence Structures in CH,NH, 


Weight of structure 


Structure 


per cent 
Homopolar 
CH,—N I 24 
x 
H 
Single tonite 
form (two) Ht 
H,—N- II 2x 6.8 = 13°6 
\ 
H 
Single ionic H 
form / 
+CH, N7- I 
\ 
H 
Double 
ionic form Ht 
CH 3—N = 2 
Ht 
Double ionic 
form (two) Ht 
+CH, N*- 2xX1=2 
* 
H 
Triple toni 
form H+ 
+tCH, N3%~ ol 
Ht 
Transitional I-IT 42 
Remaining transitional 15 
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fact that the single bond C—N is 


The data show that the transitional 
structures make important contri- 
butions to the structure of the mole- 
cules and may not be ignored. In this 
respect our data differs from that of CHs 
Pauling who did not consider the 
transitional structures separately. 

Comparison of the dipole moments 
for NH;, PH, (0°55D) and AsH, 
(0:16 D) show that the PH bond is less 
ionic than the NH bond, whereas the 
AsH bond is almost entirely homopolar. 
From the dipole moments of the halides 
of phosphorus, arsenic and antimony 
it is possible to calculate the contri- 
butions of the ionic states in these *CH, 


Table LXXXV. Relative Weights +CH, 
of Valence Structures in (CH,) NH 


CH; 


CH, 


CH; 


+CH, 
+CH, 


MYeieht of structure 
| per cent 


Structure 


CH, Homopolar 


N— H I 38 


Single tonic form 


N- Ht J] 11 


CH ie 
; Single tonic 
*+CH, form (two) 


N- —H Jil 2X2=4 


Transitional 
Remaining transitional 


Table LXX XV. 
more homopolar than the NH bond. Relative Weights of Valence Structures in N(CH3) 2 


Structure 


Homopolar 
N —CH, / 


Single tonic form 
(threc) 
N- +CH, J 


Double tonic 
form (three) 
N?~—CH, Ii] 


Triple ionic form 
N?- +CH, IV 


I-If 


in the 
bromine 


| 
| 


series 
and 


Weight of structure 
per cent 


61 


3% 33 =99 


3X 016 =0'5 


23 


molecules. The polarity of the bonds 
cecreases 
chlorine, 


fluorine, 
iodine : 


double tonic 


\ form (two) 
N27 Ht IV 


+CH, 
double 


*CH, = triple ionic form 
N@- Ht VI 


+CH, 


Transitional I-l 
Transitional M-Wl 
Remaining transitional 


2X07 = 14 


AsF, vu, = 2°65D; AsClaz,=2:15D; 
AsBry, wp, = 16D; AslIy,u, = 1-0 D. 
The values of the dipole moments of 
phosphorous halides are less than 
those of the corresponding halides of 
arsenic, whereas the values for anti- 
mony are greater. Thus, for example, 
the dipole moments of the bromides 
are: PBrz, p,=06D; _ AsBrg, 
Hy = 16D; SbBrs, p,=2:5D. This 
change indicates the increase in the 
ionic character of the bonds and is 
in agreement with the general con- 
ception of the electropositive character 
of these elements. 
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Table LXXXVI The dipole moment of nitrogen 
Relative Weights of Valence Structures in H,S trifluoride NF, is almost zero, which 


indicates, since the shape of the mole- 


Structure | Weigh of ed cule will be a trigonal pyramid as 

pee in NH,, that the N—F bond is 

homopolar, notwithstanding the high 

Homopolar ar : : 

H—-S—H a 61 electronegativity of fluorine. This 

may be explained by the fact that 

Single tonic form (two) the positively charged, divalent state 

Hr S°—H 2x 25=5 of nitrogen, as distinct from the nega- 

Double ionic form tively charged, divalent state, is 

H+ Ss Ht Wl O'1 improbable. In oxygen compounds 

the contribution of the positively 

Transitional I-II | Q4 

Remaining transitional | 9°9 


charged trivalent state —O+t is not 


great, the contribution of the corresponding state is, however, greater in 
sulphur and greater still in selenium. In the case of S,Cl,, », = 1-6 D and 
for Se,Cl,, x, = 2°6 D and most probably the structures 


Set=Se Se==Set 


. a and NS 
Cl Cl- Cl- Cl 


are present to a greater extent than in the corresponding sulphur compound. 
TeCl, has the large moment of 2-54 D which is explained by the irregular 
tetrahedral arrangement of the bonds as shown by electron and x-ray 
diffraction measurements’, 

If ozone, Og, were represented as a resonance hybrid of the two ionic 
structures 


Ot Ot 
— fon’ 

O O- O- O 

the dipole moment would be of the order of 1-6 D. The experimental value, 


us = 0:49 D, has been interpreted by Puitties, HUNTER and Sutton?? as 
indicating a considerable contribution from the forms 


O O 


Lo and NN 
O O O O 


In SO,, however, the experimental value of the dipole moment is 1-60 D 
in agreement with that calculated from the structures 


St St 
—_— and —, 
O O- O- O 
In SO, the moment is zero in agreement with a symmetrical, planar con- 
figuration. The marked polarity of N,O;, », = 1:39 D, is most probably 
explained by the nitrogen being in the positive, tetravalent state and with 
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two negative charges shared by the oxygen atoms. 
The molecule may thus be represented as a re- 
sonance hybrid of the structures 
O- O O- O O O 
Sa a 7 \ 7 
N+ N+ Nt Nt 


$ J b- 


‘The repulsion of the two positively charged 
nitrogen atoms will tend to increase the 
N—O—WN angle and thus to decrease the dipole 
moment. 

The experimental value for the dipole moment 
of hydrogen peroxide is p,=2:13 D, which is 
in agreement with the forrmula proposed by 
ROBERTSON?! in which the two O—H_ bonds 
are at an angle of 106°, as shown in Figure 37. 

The absence of a dipole moment in mole- 
cules such as HgHal, and BeHal, is in agreement 
with the proposed linear configuration of these ~ 
molecules. ‘The two equal moments of the bonds eee 37. Structure of the 
. : : ; : ; drogen peroxide molecule 
are directed in mutually opposite directions, with 
the result that the molecule has a zero moment. A similar compensation 
of bond moments is responsible for the zero moment of BHal, molecules, 
which has a symmetrical planar configuration. 


DIPOLE MOMENTS OF HYDROCARBON MOLECULES 


Symmetrical tetrahedral molecules such as CHy, CCly, SiHy, SiCl, efc have 
a zero dipole moment. Let us consider methane, CH,, in some detail. 
We shall let the moment of each CH bond be pcg and calculate the resultant 
dipole moment of the -CH, group in the CH, molecule. The configuration 
of this group will be a regular trigonal pyramid with the carbon atom at 
the apex and the three hydrogen atoms at the base. The resultant moment 
due to the three CH bonds will be directed along a line joining the apex to 
the centre point of the base. This line lies in the direction of the extra- 
polation of the fourth CH bond in CH,. The resulting moment of the -CH, 
group will thus be equal to the sum of the projection of the three CH bond 
moments on this line viz 
Uous= 3ptcncos(180° — 109°28’) = peg 

Thus we sec that in molecules such as CH,, having a symmetrical tetrahedral 
structure, the resultant moment of the -CH, group is always exactly equal 
and opposite to the moment of the CH bond. Thus the moment of CH, is 
zero and furthermore, since pcu,= -cu, the replacement of a hydrogen 
atom by a methyl group will not cause an alteration of the moment. 

The evaluation of the moment of the CH bond from experimental data 
has so far proved impossible, although some authors have suggested a value 
of approximately 0-4 D. It would be best, however, for the present to regard 
the moment as very small and assume that the bond is almost entirely 
homopolar. This conclusion is in agreement with the bond energy data. 

The symmetrical arrangement of the CH bonds in ethylene, acetylene 
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Table LXXXVII. Dipole Moments of Unsaturated Hydrocarbons 


Molecule Dipole moment Molecule Dipole moment 
D D 
CH,CH=CH, 0°35 || C.H,C=CH 0-805 
CH,CH 2,CH=CH, 0°30 CH,C,H,C=CH I-ols 
CH,),C=CH, 0°49 C,H,;C,H,C=CH 1°055 
H,CH=CH—CH=CH, 0:68 (CHS) 2,CHC,H,C=CH I'r2s 
CH, | Cue 0-655 
CH,=C(CH,)—C(CH,)=CH, 0°52 | CH, 
C,H;CH, O°4 | 
C,H,C.H; 0:6 | 
C,H;,C(CH;), O°7 } | 1 
C,H ,CH=—CH 0°375 | 0-455 
CH,C,H,CH=CH, o-6s | CH, 
C,H,C,H,CH=CH, o-6s 
(C.H,),C=CH, 0°55 | A Qocee: 
CH,C=CH 0°75 | | NG o-bas 
\JG CH 
C,H,C=CH 0-85 | ° 
C,H,C=CH 0°87 
C,H,,C=CH 0-86 
eae | (C,H;);CH o-2ts 
| 


and benzene results in zero moments for these molecules and it might be 
expected that their homologues, e.g. propylene, methylacetylene and toluene 
should also have no dipole moment. The experimental data, however, show 
that many unsaturated hydrocarbons possess a small dipole moment 
(Table LXXXVIII). The carbon atom, as we have seen, may exist in either 
the positively charged trivalent state, or the negatively charged trivalent 
state. In saturated hydrocarbons these forms appear only in the bond 
resonance involving the ionic state, e.g. C-H+, in the CH bond; in 
unsaturated hydrocarbons on the other hand, owing to the presence of 
a bonds, other valence bond structures are possible and contribute to the 
resonance of the molecule. Thus in propylene, together with the homo- 
polar structure 
CH,—CH=CH, 
1 2 3 
there are possible three ionic structures, due to the three H atoms in the 
CH, group 
*H CH,=CH—~CH, 

in which the localized 7 bond occurs between the 1-2 carbon atoms in 
place of the 2-3. Because of the contribution of this structure, the molecule 
has a permanent dipole moment. The carbon atom in the 3 position thus 
possesses a negative charge and in the reaction of propylene with hydrogen 
chloride it would be expected on the basis of the above evidence that the 
hydrogen atom would bond to carbon atom 3 and the chlorine atom to 
carbon atom 2. This prediction is in agreement with the empirical rule of 
MARKOVNIKOV, which states that in the addition of HCl to a double bond 
the hydrogen atom becomes attached to the carbon atom bonded to the 
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greater number of hydrogen atoms. The product of the reaction is thus 
CH,CHHalCH,. The reason why the reaction gives this product, even 
though the contribution of the ionic structure may be very small, is due to 
the fact that the problem is largely one of the kinetics of two or more 
alternative reactions. If the energy of activation is reduced slightly through 
the contribution of the ionic structure, the rate of reaction will be increased 
considerably owing to the exponential function in the rate equation. 
From the dipole moment of propylene, the relative contributions of the 
different structures may be calculated approximately!” ; these are found 
to be : homopolar, 94 per cent ; ionic, 3 per cent ; transitional, 3 per cent. 
It is evident that the molecule is essentially homopolar, the contributions 
of the ionic and transitional structures being very small. In isobutylene, 
(CH ,),.C = CH,, the dipole moment is appreciable, having the value 
0-49 D, which may be attributed to the fact that the number of structures 
of the type 
+H CH, 
\ 
C—-CH, 


CH, 
is equal to six and the contribution of these forms will therefore be fairly 
large. In butylene CH,—=CHCH.CH,, the number of analogous structures 
wz —CH,—CH=CH—CH, 1s only two and the dipole moment is less, 
Ht 

being 0-3 D. In acetylene and acetylenic compounds the electron affinity 
of the carbon atoms taking part in the acetylenic bond is greater than in 
the case of the ethylenic bond. This is manifested in the acid character of 
acetylene as in the formation of acetylides, and in the dipole moments of 
acetylene derivatives which, as is shown in Table LXXXVIII, have a 
moment about o-4 D greater than in the case of the corresponding ethylene 
derivative. The contribution of the ionic structures 


+H CH,=C=-CH 
in methylacetylene is estimated at 7 per cent, of the transitional structure 
6 per cent, and of the homopolar 87 per cent. If the molecule contains both 
a double and triple bond as in vinylacetylene, CH,=CH—C=CH, then 
owing to the greater electron affinity of the acetylenic compared with the 
ethylenic carbon atoms, the contribution of the structure 
+CH,—CH=C=+tCH 
is greater than that with the charges reversed. For this reason this com- 
pound, on reaction with hydrogen chloride, yields 
CH,CI—CH=C=CH, 
Similar behaviour is observed with divinylacetylene, 
CH,=CH—C=C—CH=CH, 
in which the two forms : 
+CH,—CH=C=C-—CH=CH, 
CH,=CH—C-=C=CH—*CH, 
are the main ionic valence bond structures. On reaction with hydrogen 
chloride, the molecule 
CH,CI—CH =C=CH—CH=CH, 


213 


THE STRUCTURE OF MOLECULES 


is obtained?*. The polarity of 2-methylbutadiene is accounted for by the 
contribution of similar structures to those in propylene 


~CH,—C—CH=CH, 


+H thes, 
In 1-methylbutadiene, in addition to the structures : 
CH,—CH=CH—CH=CH, 
+H CH,=CH—-CH—CH=CH, 
there is an additional possible structure, 
+H CH,=CH—CH=CH—~-CH, 
which will cause an increase in the moment?4, 
The polarity of the homologues of benzene is caused by resonance of the 
benzene ring: 
+H CH, +H CH, +H CH, 


and toluene has a moment of 0-4 D. In fluorene, in addition to four 
homopolar structures, thirty six ionic structures are possible and are 
responsible for the existence of a dipole moment, 


an aN 
a Vi 
VA 
CH 
H+ 
and will be responsible for the acid properties of the hydrogen atom in the 


Q position ; indene also has an appreciable moment for the same reason. 
Cyclopentadiene is polar owing to the resonance of the structures 


©, 2 yy, 
CH, +HCH +HCH 


In symmetrical unsaturated hydrocarbons, e.g. CH;CH=CHCHsg, it is 
necessary to consider the structures 
+H CH,=CH—-CH—CH, and CH,—-CH—CH=CH,H+ 
when discussing the reactivity of the molecule but owing to the symmetry 
of the molecule, the moments are mutually compensated and the molecule 
has zero dipole moment. 


DIPOLE MOMENTS OF ALIPHATIC COMPOUNDS 

The dipole moments of derivatives of the saturated hydrocarbons are 
generally found to be almost independent of the chain length and of the 
branching of the chain as shown by the data for the alcohols and for the 
chloro- and nitro-parafhns (Table LYXXIX). The dipole moment is 
therefore due almost entirely to the polarity of the bond ; thus in alcohols 
the dipole moment is due to the COH group, in nitro-compounds to the 
CNO, group and in chloro-compounds to the CCl bond. 
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Table LXXXIX., Dipole Moments of Derivatives of Aliphatic Hydrocarbons 


| r 
Dipole | | Dipole: Dipole 
Molecule moment Molecule ynoment Molecule moment 
CH,Cl 1-92 || CH,OH 169 CH,NO, 354 
C,H,Cl 2:05 | C,H,OH 170 ' C,H,NO, 8 
na-C,H,Cl 2:10 | n-C,H,OH 1-64 |, n-C,H,NO, 3°5733°67 
| ( 
n-C,H,Cl 2:12 |! n-C,H,OH 1:66 || n-C,H,NO, 3°55 
(CH,) ,CHC!I 215 || n-C,H,,OH 165 || (CH,),CHNO,| 3:67 
(CH,) ,CHCH,C! 2:04 || n-C,H,,OH 164 || (CH,);CNO, 3°66 
CH,CH, 
| (CH s) ,;CHOH 1°58 
CHCl 2°12 | (CH,),COH 1.65 | 
/ | (CH,),CHCH,OH| 1-63, | | 
CH, | | 
{ : 
CH,),CCl 2:13. | CH,=CHCH,OH | 1°63 5 
H ,=CHCH,C) 1°95! | : 
CH,—CH, | | 
\ | 
CH, CHCl 2°07 | | 
x / | ! 
CH,—CH, | | 
| | 


Halogen derivatives— If we assume that the dipole moment of the CH, 
group, and hence of the CH bond, is zero, then it is possible to assign the 


whole of the moment of 
the alkyl halide mole- able XC. Relative Contributions of Valence Structures in CHal bond 


cules to the CHal bond. 


The polarity of this bond 
is caused by the super-  p, , 


| 
| Weight of structure 
Dipole © Internuclear per cent 
moraent distance 


Spacer cao “Hal ! D | A Homopolar | Tonic eae oa) 
and the values of the C—F | 1°83 I-41 58 | 25 17 
contribution of these Oe 05 ah | Or. 7 220 19 

r= 2:04 1-9! 71 | 13 16 
Structures to the bond G_y 1-80 Sa | 77 | 9 14 


are given in Table XC. 
The data shown serve to 
illustrate the fact that the dipole moment does not indicate, by itself, the 
ionic character of a bond. Thus the moments of the CF and CI bonds 
are very close, but the contribution of the ionic form in CF is much greater 


Table KCK: Dipole Mowaneaf Halen Dawnieap ot ee eeriome 


Methane (D) distance is much less. 
: , If one carbon atom is 
x | FE | Cl Br ! I attached to more than one 
Molecule | halogen atom, it is found that 
: — the moment of the resulting 
ate 1-83 2 ae | 3 molecule differs from the 
CHX,. 1-59 2) 565 0-859 Vector sum of the constituent 


bond moments. This beha- 
| viour occurs, for example, in 
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the polyhalogen derivatives of methane, as shown in Table XCI. The vector 
sum of the bond moments in the group —CX, should be equal to the bond 
moment of CX, but as is shown in Table XCIJ, this is not the case, and 
the moments of all the CHX, molecules are less than those of the corres- 
ponding CH,X molecules. Similar behaviour occurs in the CH,X, 
molecules and is also observed in the chloro derivatives of silane (SiH,Cl, 
p= 1:28D; SiH,Cl,, » = 1:17D; SiHCl,, » = 0-85 D). This behaviour 
cannot be attributed to a change in the bond angles, which in every case 
are close to the tetrahedral angle, nor to molecular resonance, but indicates 
that in a particular group the ionic states of the various bonds are not 
independent of each other. In CH,Cl, the carbon atom possesses a positive 
charge on account of the presence of one chlorine atom, and on substitution 
of a second chlorine atom to form CH,Cl, the existing positive charge on 
the carbon will decrease the lonic character of the second CCl bond. Thus 
the contribution of the structure 


H Cl 
NEY 4 
C2+ 


Cl- ClI- 
to the resonance of the molecule is less than that of the structure 
H Cl 
ae 
\ 
Cl- Cl 
as is to be expected. The rather higher values of the dipole moment, 
compared with those given in Table XCI, observed for the molecules, 
CH,CHCI,, p=2:07 D ; CH,CCl,CHg, p=2-25 D ; CH,CCl,, nx=1-78 D ; 
CH,CF,, »=2:27 D, might appear to contradict the theory of the mutual 
suppression of ionic structures developed above ; however in these com- 
pounds resonance can occur, since valence bond structures of the type 
H+ Cl- 
are possible. In the example given, the number of such structures is nine, 
more than in CH,CH,Cl which is found to have a lower moment. For 
a similar reason, the moment of CH,CCI,CHg, is larger than that of 
CH,CHCI,. In the polyhalogen derivatives of methane, similar structures 
are only possible if the carbon is assumed to be in the divalent state, 
+H CCI,CI-, which is not very probable. 

If the halogen atom is linked to a carbon atom taking part in a double 
or triple bond the moment is somewhat lower than if the bond is single 
(Table XCII). This fact indicates that in the vinyl halogen derivatives, in 
addition to the structures 

H H 


A / 
CH,=C and CH,=Ct+ 


Hal -Hal 
I Il 
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there will be an appreciable contribution from the valence bond structure 
containing a divalent, positively charged halogen, viz 


~CH,—CH =*tHal 
Il 
In the halogen derivatives of the acetylenes, the corresponding structure 
makes an even greater contribution and the values of the dipole moments 
are less than in the case of the corresponding vinyl derivatives : 


HC=CHal HC=+C~Hal H—C-=C=+Hal 
I WT Ml 

Calculation of the relative 
weights of the structures of the 
halogen derivatives of the ———— 
acetylenes shows that the con- =~ x | oa Br I 
tribution of the valence bond Molecule Se | 
structure /// is not very great —————____|—___|—___'__—_ 
(Table XCIII), nevertheless, CHi=CHX I-44 rgr | 1-26 


Table XCII. Dipole Moments of Halogen Derivatives of 
Unsaturated Hydrocarbons {D) 


this small contribution is sufi- CHa=CXCH=CH, | 1-42 

; CH=CX O"44 oO — 

cient to affect the resultant ¢,H,c=cx 1-235 | 106s | 0-755 
dipole moment as the structures 

are strongly polar (the distance CsHi,.C=Cx 127s | 1-055 | o-Bo 
paced ne ee in ae aa ites Bees 
H—C-=C=*Cl, is2-8g9Aand “* *~ ~ 


in H—C-~=C=*Br, 3:01 A). 

In the phenyl! viny! halogen derivatives, structures containing a positively 
charged halogen atom and a negative charge, either in the side chain or in 
the benzene ring are possible, ¢.g. 


¢ —-CH—CH=x+ ‘y=CH—CH=X* 


The increased resonance 

due to the benzene ring 

produces a decrease in 
; the dipole moment. 

ak Dial ie ia The di-substituted 

ee COCalogern derivatives of 

D | 1 |aulim|ru|en\r-n1 ethylene, in which the 


Table XCII, Relative Weights of Valence Bond Structures in 
Halogen Derwatives of Acetylene 


a i ee halogen atoms are 
HC=C—Cl o-44 | 49|/ 16/1 | 20 | 11 3 : : 
H—C=C—Br ; o 571 7 | 0-5] 19°5| 13 3 easing ial ae 


and frans-isomers. In 
trans-dichlorethylene owing to the mutual compensation of the moments 
due to the two C-Cl bonds, Tab XCIV. Dipole Moments of Aliphatic Aldehydes 
which are directed in oppo} ———— 


site directions in space, the Dipole | 


| 
: | 
dipole momentis zero. With Molecule moment | Molecule 
the cis compounds, on the D | 
other hand, larger moments 7 _~——_ ee es 
. . HCHO 2:27 || CH,CH,CH,CHO 
are_obtained (cs- CHCl cH cHo 2-72 || CH,CH=CHCHO 


=CHCl, » = 1-89 D; cts- CH,CH,CHO] 2-73 
CHBr=CHBr, p = 1°35D; 
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cw- CHI=CHI, » = 0-75 D). This difference in the dipole moments of 
cis- and trans-isomers may be used as a method of identification and for the 
analysis of iixture of the two isomers. 

Aldehydes— The dipole moments of various aldehydes are given in Table 
ACIV. In formaldehyde resonance can occur only in the carbonyl bond, 
structures / and IJ, since the structure JI, with a positive charge in one 
of the hydrogen atoms, involves a divalent carbon atom. 


H H 
Nexo Noro- 
4 / 
H H 
I i 
Ht 
C—O- 
/ 
H 
IM 


If one of the hydrogen atoms is replaced by a CHyg group, the structures 
T and JJ still contribute to the resonance of the molecule, but in addition 
the structure JV is now possible 


H 
/ 
HtCH,=C 


O- 
IV 
three structures 
and in agreement with this we see in Table XCIV that the dipole moment ot 
acetaldehyde is 2-72 D which is greater than that of formaldehyde, 2-27 D. 
Furthermore, replacement of the second hydrogen by a methyl group, to 
give acetone, produces a further increase of the moment to 2:95 D owing to 
the greater number of structures of type JV which are possible. 

If the molecule contains an ethylenic group C=C in addition to the 
carbonyl group, the molecular resonance is increased and the dipole 
moment raised. Thus in acrolein, CH,—CHCHO, the dipole moment 
measured in solution is 2-88 D, a value greater by 0-39 D than the dipole 
moment of acetaldehyde also measured in solution, 2-49 D. This is due to 
the contribution of the structure 

H 


+CH,—CH=C 


O- 
to the resonance of the molecule. In agreement with this picture of the 
acrolein molecule, the addition of hydrogen bromide to acrolein gives 
CH,BrCH,CHO, the negative bromine atom uniting with the most positive 
atom and the positive hydrogen atom with the most negative. A still 
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greater increase in dipole moment is observed with crotonaldehyde which 
will be due to the contribution of the structures 


H H 
va 
CH,—t+tCH—CH=C and H+ H,C=CH—CH=C 
\ 

O- O- 
Nitriles— In nitriles, structures of the type CH,—Ct=N- will be re- 
sponsible for the dipole moment of the molecule. If the moments of 
hydrogen cyanide and of methyl cyanide are compared (Table XCV) a 


similar behaviour to that described for the aldehydes is observed. The 
corresponding valence bond structures are : 


H—C=N H—Ct=N- H+C=N- 
CH,—_C=N CH,—Ct=N- H+CH,=C=N- 
I Il II 


The CC distance in methyl] cyanide ee 
is 1-49 A compared with the single Table XCV. Dipole Moments of Aliphatic Nitriles 


bond value of 1-54 A, indicating | Dipole | Dipole 
an appreciable contribution from Molecule | moment Molecule moment 
the structure J/J. The low moment | D | 

ee in a ase of cake HCN : 2-93 || C.H,CN a 
nitrile is not fully understoo , ut CH,CN 3:94 || CH,=CHCN 3°88 
the high moment for crotononitrile C,H,CN| 4:02 || CH,;CH=CHCN | 4°50 


is in agreement with the expected C,H,CN| 4:05 |, 
contribution from the structures 
CH,—+CH—CH=C=N- 
and 


H+CH,=CH—CH=C=N- 


DIPOLE MOMENTS OF 
AROMATIC COMPOUNDS 


Dipole Dipole The difference between the 

Nitoailee \esceaee Molecule moment cnemical behaviour of the substi- 
D D tution products of benzene and the 
corresponding aliphatic derivatives 


Table XCVI. Dipole Moments of Aliphatic and 
Aromatic Compounds 


ca? cic? 04 are well known and are reflected 
CH-NO CH'NO 7° in the values of their dipole 
‘CN’ CN ne Table XCVI). In chl 

CH,CN C,H,CN 439 moments (Table XCVI). In chloro- 
CH,CHO C,H,;,CHO 3:16 benzene, in addition to the bond 
resonance structures, / and JI, 
elon oid ae there are three additional structures 
C,H,SH C.H,SH 1-33 JI, IV and V contributing to the 
CH,OCH, CsH,OCH, 1-35 molecular resonance and the dipole 
6H1,0OC.H, 1°35 moment is lowered in comparison 

peal head CHSCH, | 150° With the alkyl halides. 
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Ci Cl]- 
ie ee a Clt+ Cl+ 
| ~ | 
O OO OO ”OD % 
I Il UI IV i 


The polar character of nitromethane is due to the formation of a positive 
charge on the nitrogen and the sharing of the corresponding negative charge 
between the two oxygen atoms 


In addition to these structures there will be a contribution from the CN 
bond in which the carbon atom is negatively charged and the nitrogen 
positively charged. In nitrobenzene additional structures are possible in 
which both of the oxygen atoms are negative and the corresponding positive 
charges occur at the nitrogen atom and at either the ortho or the para carbon 
atoms in the benzene ring : 


O- O- O- O- O- O 
ee a ere Nc 
N+ N+ 


| A 


\4F \ 


+ 


In benzonitrile, C,H,CN, the dipole moment is also noticeably greater than 
in methylcyanide, CH,CN, since the nitrogen atom may be negative not 
only with respect to the adjacent carbon atom, but also to the ortho and 
para carbon atoms in the ring : 


N- N- N- 


oman? 


Similarly, in the case of benzaldehyde, in addition to the bond resonance 
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in the carbonyl bond, >C=O; >C+t—O-,, there are also the additional 
structures 


H O- H O- H O- 
Ww ‘ef : 
SS ‘ 
C ¢ O 


which contribute to the resonance of the molecule and bring about an 
increase in the dipole moment. 

In aniline there are three additional structures containing a tetravalent, 
positively charged nitrogen atom : 


H H H 
\ 7 \ 7 Ne, 


compared with the aliphatic amines. The basic properties of the aromatic 
amines are thus reduced in comparison with the aliphatic amines since the 
nitrogen atom is already partially tetravalent, and thus partially neutralized 
on account of the resonance with the benzene ring. 

In the phenols, the structures J to J/J, which cannot occur in the alcohols, 
as well as the structures JV to VI, tend to reduce the dipole moment. The 
acid properties of the phenols compared with the alcohols are due to the 
contribution of the forms JV to VI. 


ye ye va H+ Ht H+ 


% ° 


Iodobenzene reacts with chlorine to form phenyliodochloride C,H,ICI,, 
which is considerably more stable than the aliphatic todochlorides. In 
phenyliodochloride, the following structures are possible, and the stability 
of the molecule will be due to the resonance energy of the molecule. In 
solution the dipole moment is 2-61 D!*, 2.e. 1-3 D greater than iodobenzene. 
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Such an increase could not be due to a polar bond between the iodine and 
chlorine atoms and resonance, involving the benzene ring must occur : 


Cl Cl Cl Cl- Cl- Cl= 
SF XX 
I [+ I+ 
| 
* 
N / 
two structures three structures 


In derivatives of diphenyl, owing to the presence of two benzene rings, 
the number of possible resonance structures is greater than in the case of 
the corresponding benzene derivatives and the dipole moment is increased. 
Thus with p-aminodipheny!] : 


"<Q—~OD 


the dipole moment, is 1:76, D, which is 0-23 D greater than in aniline owing 
to the contribution of structures showing resonance in both the benzene 


rings : 


yan, HNC <> 


~~ two structures 


two structures 


In p-aminoazobenzene, p, = 2°71 D; one of the nitrogen atoms in the 
azo group may be negatively charged. 


oan e, 


The difference in the dipole moments of f-nitrodiphenyl, J, u, = 4:17 D, 
and of the meta isomer, IJ, p, = 3:40 D, is due to the exclusion of the second 
ring from the molecular resonance when the nitro group is in the meta 


position. 
O,N—-~ \—~ ») »—< » 
ON 
; I 


The experimental data on the dipole moments of aliphatic and aromatic 
compounds clearly indicate the existence of molecular resonance in the 
latter. The resonance, which produces either positive or negative charges 
on the carbon atoms in the ortho and para positions, determines the 
specificity, which has been observed in the substitution of the benzene 
nucleus. ‘The substituent groups may be divided into two classes deperding 
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upon whether their presence gives rise to negative or positive charges on 
the carbon atoms in the ortho and para positions. The most important of 
the groups giving rise to negative charges are: CH,, Hal, OH, NH,, 
OCH,, N(CH;)., and of those giving rise to positive charges: NO,, CN, 
CHO, SO,H, and COOH ; the first class lead to substitution predominantly 
in ortho and para position and the second class to substitution in the meta 
position. This selective substitution is not only dependent on the nature of 
the charges in the carbon atoms of the benzene ring and the substituting 
group, but also on the different energies of activation of reactions in- 
volving carbon atoms with different electron densities!’. The quantitative 
treatment of the direction of substitution in the benzene ring presents many 
difficulties, since the difference between the effects producing the different 
types of substitution is not large. ‘This may best be brought out by consider- 
ing an example. Let us suppose that the substitution in the ortho position 
procceds ten times faster than the corresponding reaction in the meta 
position. Since the rate of reaction is proportional to exp (— E/RT ), where 
E is the energy of activation, it follows that the energy of activation for the 
ortho substitution reaction is only 1-4 kcals less than that for the meta 
substitution reaction. Thus although there is a very noticeable and signifi- 
cant difference in the nature of the reaction product, it has been produced 
by only a small difference in the properties of the ortho and meta carbon 
atoms. In this connection it should be emphasized that the contribution 
of the valence bond structures showing molecular resonance is not great 
and the bond is very largely homopolar. Nevertheless, because of their large 
dipole moment, the small contribution of the polar structures is generally of 
great significance in determining the properties of the resultant molecule. 

Sign and direction of the dipole moment— For the determination of the dis- 
tribution of positive and negative charges in various structures we have 
been guided by data on the possible valency states of atoms. The direction 
of the resulting dipole moment, however, is not always clear. For example, 
it is necessary to have experimental data in order to determine whether, 
in toluene, the methyl group carries a positive charge and the benzene ring 
a negative charge or vice versa. For this purpose it is necessary to have a 
second substituent group in the benzene ring with which there is no doubt 
as to the directional nature of its dipole moment. Thus, for example, in the 
halogen derivatives of benzene, there is no doubt that the chlorine atom 
forms the negative end of the dipole. The effect of structures of the type 


— < —=Cl* reduces the dipole moment, but does not cause a change 


of direction. Returning to the problem of toluene, we find that the dipole 
moment of p—-chlorotoluene, p, = 1-90 D is greater than that of chloro- 
benzene, wp, = 1°55 D. This result is only possible if the moments act in 
the same direction J. Consequently it is concluded that the methyl group 
forms the positive end of the dipole. 


cH,-<  >—Cl ON-K >—Cl 


+> +> —<+ +>- 
I 


The dipole moment of f-nitrochlorobenzene, pu, = 2:78 D, is less than the 
dipole moment of nitrobenzene, p, = 4:01 D, which indicates that the 
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moments are directed in different directions, JJ. Consequently in nitro- 
benzene the moment is directed from the positive ring to the negative 
oxygen atoms. The lower value of the dipole moment of —-chlorobenzo- 
nitrile, p-CIC,H,CN, u, = 2:08 D, compared with that of benzonitrile, 
4°39 D, indicates that the moment is directed from the ring to the 
nitrogen, in accordance with the resonance structures given above. 

The dipole moments of the isonitriles, RNC, are related to the contri- 
bution of the structures R—N+=C~ and R—N=C to the resonance of the 
molecule, and comparison of the moments of CsH,NC, pu, = 3:49 D, and 
f-CIC,H,NC, p, = 2-07 D, supports the following charge distribution 


a a. a 
Cl <7 N=C 
nee se eee 


Owing to the planar configuration of the benzene ring, it will be clear 
that in C,H,;CH,;, C,H;Hal, C,H;NO,, C,H;NC and C,H,C=CH, the axis 
of the dipole moment corresponds to a line in the plane of the ring passing 
through the benzene carbon atom and the substituent atom or group 
linked to it ; such groups or atoms may be described as being regular. In 
other cases this is not so. Thus in phenol for example, the moment is not 
directed along the CO bond since there are two polar bonds, CO and OH, 
which are at an angle to each other and consequently the resultant moment 
forms an angle «ith the axis of the CO bond. The valence bond structures 
I to III (see page 221) decrease'the moment 
of the CO bond, whereas structures with Table XCVII.  Valency Angles from 
positive charge on the hydrogen atom, JV Dipole Moment Data 
to VI, influence the direction of the resulting | 
dipole moment of the molecule. Similar Group Angle | Group | Angle 
irregular structures occur with substituent earl ee 


groups such as NHy, OH, OCH, N(CH,),, NQ. | 2% | QCHs | 75, 
SH, SCH,, GOOR, CHO. Fucus and N(CH,), | 34° || COCH; | 50° 
Wo tF!® have calculated from the dipole OH 38° 


moment data the values of the valency 
angles (Table XCVII). 

Di-substituted derivatives of benzene— The comparison of the experimental 
values of the dipole moment of di-substituted derivatives of benzene with 
the vector sums of the individual bond or group moments leads to some 
important results. If in the benzene ring there are two regular groups then 
the axes of the moments p, and yp, in the ortho position will form an angle 
of 60°, in the meta position an angle of 120°, and in the para position an 
angle of 180°. The vectorial sum of the moments will be given by : 


ortho p= (py? + py? + py Ho)! .... (10.21) 
meta pp = (py? + pe” F Hie)! . +++ (10.22) 
para p=p, + be »... (10.23) 


The upper signs in formulae 10.21 to 10.23 correspond to the case where 
the directions of the moments of the substituent groups, relative to the ring, 
are the same and the lower signs refer to the case when they are opposite. 
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In the particular case when the substituent groups are identical, as in the 
dichlorobenzenes, 4, = p, and we have: 


ortho p = (3p,7) ». ++ (10.24) 
meta p= py .... (10.25) 
para p=0 .... (10.26) 


If in an irregular group the angie between the direction of the moment and 
the axis of the molecule is known, the vector sums of irregular groups may 
be measured!®. The dipole moment measurements on di-substituted 
benzene derivatives have generally been obtained by measurements in 
dilute solution. Therefore, for calculating the vector sum it is necessary to 
take data for the monosubstituted derivatives which have been determined 
in solution. These values differ slightly from the gas phase measurements 


in Table XCVI. The 
recorec@ an avis Table XCVIII. Dipole Moments of Molecules of the 


values are: C,H;Cl, 1°55 D; Tvbe CH_CLH.X 

C,H;Br, 1:52 D; C,H;NO,, clade de sis, | 

3°96 D ; C,H; CN, 3°92 Ls ortho meta | para 
C.H-Ni 1°53 D> CHO... 3) 
1°56 D. Mezp | Leak Mezp, Heale . Mezp Heal 
_ Inall the derivatives of toluene q, 1-35 | 139 | 1-78 | 1-79 | 1-90 | 1°95 
it is found that the calculated Br 1-44! 1°37 | 1-75 | 1°76 | 1-94 | I-92 
values almost correspond with x ae | oe | 1°57 54 a ei 
the experimental values, Table NOs | 36 | 3°76 | 4:17 | 416 | 4:44 | 4:35 
XCVI, which shows that the cn | 3-77 | 3-74 | 4:18 | 4:15 4°37 | 4:30 
two substituent groups have little NH, | 158 | 174 | 1°43 | 146 | 1-27 | 1-25 
effect on each other. Most OH | 141 | 161 | 1°54 | 1-60] 1°57 | 1-60 


probably this will be due to 
the small polarity of the methyl group. When the substituent groups 
are strongly polar, as in 
Table XCIX. Dipole Moments of Di-substituted Benzene Derivatives the halogen derivatives 
|). |nike «)ometa|SS par of nitrobenzene or in 
Xx Y _ |_| sstthe:=sonitroanilines, al- 
Hesp | Heale | pasp | Hoste | exp | Henle though good agreement 
| | (| | 1 1 _“«XIis observed in the case 


ae NO” a R be ee + age 298" ere of the meta derivatives, 

Br | NO, 420 | 4°88 | 3-41 | 3:45 | 260 | 2-43 Considerable deviations 

I NO, 3°92 | 4°72 | 3-43 | 3:48 | 3°04 | 2-65 occur in certain cases 
with the para and ortho 

Cl | CN 4°75 | 4°88 | 3:38 | 3:40 | 2°53 | 2-35 et 

cl | Id, 2°95 | 36 | at1 | 2:27 | 1-30 | 1:06 derivatives (Table XCIX). 


@) e ° ° e 
Cl | C=CH | 1-69 | 2:13 | 1-38 | 1-36 | 0:96 | 0-68 Thus in _p-nitraniline 
~ the experimental value 
These values were obtained from measurements in the gas phase ; all is greater than the cal- 


other measurements were made in solution. ; 
culated value, owing to 
the contribution to the molecular resonance of the structure J. 


H O- 
\ / 
oe 

H ; O- 
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In a similar way, the contribution of structure JJ in ~-chloronitrobenzene 
and of structure JJ] in CIC;H,C=CH, decrease the moment of the CCl 
bond so that the resultant moment of the molecule is increased. 


- 
arnt cin == -CH 
~ 


Il Il 


The difference between the calculated and experimental values in ortho 
derivatives is also due in part to the additional structures JV and V which 
are possible in the di-substituted derivatives : 


O- O- 
H O- 
N+ Cl+ 
N’ N+ 
JN ’ in 
| | 4H O 
\Z 7 
IV V 


In addition, however, steric effects may influence the structure of the 
molecule, especially if the groups are large when, because of their close 
proximity, they may cause mutually induced moments. These various 
factors are difficult to separate and the anomalies observed are generally 
referred to as the ortho effect. 

The nitro group and the nitrile group give rise to structures in which 
the ortho or para carbon atom is positively charged : 


O- O- N- 
N+ C 
VV VY 
+ + 
In the nitrobenzonitriles, such resonant structures will be mutually suppressed 
and consequently no large deviations from the additivity rule occur, such 
as exist when the two groups are of opposite charge so that the resonance is 
augmented by additional valence bond structures. The dipole moment of 
f-nitrobenzonitrile is zero, of o—nitrobenzonitrile, 6-19, D and m-nitro- 
benzonitrile, 3-78, D. Similar behaviour is observed with the di-substituted 
halogen derivatives of benzene and with the phenylenediamines. 
In the polysubstituted derivatives the importance of additional valence 


bond structures is even greater in determining the resultant dipole moment. 
For example, in picramide, it might be imagined that the moments of the 
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nitro group in the 2, 4 and 6 positions would cancel and the moment be 
NH, 
O,N NO, 
va 


| 
NO, 


equal to that of aniline, un, = 1-53 D. This is not the case, however, since 
the nitro groups are distributed in the ortho and para positions with respect 
to the amino group, with the result that additional valence bond structures 
are possible which contribute to the resonance of the molecule. These 
structures are : 


HOH H H > WR 
y ae a. 
Vi Oe 

ON, % No ON” YNO, ae yy \wo, 
Vi \} \Z 
No, No, 

Nt 
of o- 


The dipole moment is therefore much greater than that of aniline, being 
3:25, D, measured in dioxane solution. 

Resonance of the type existing in f-nitraniline, is also present where 
several benzene rings are linked together, so long as the resonance of the 
ring systems is not blocked by a saturated carbon atom as in the diphenyl 
methane. Thus in 4-nitro—4’-aminodiphenyl (/) together with 


O- H 
ee ew 
a. ae Nt= —N+ 
ON< >< > NH, ‘ VA << > My 
I I] 


the resonance structures occurring in nitrobenzene and aniline, structures 
in which resonance occurs in both rings (J) are possible. The contribution 
of such structures noticeably raises the dipole moment (see Table C). 
Derwvatives of durene and mesitylene— In Chapter g it was pointed out that 
in derivatives of durene and mesitylene steric factors due to the methyl 
groups may hinder the resonance of the substituent group with the 
ring system. In Tables CI and CI/ the dipole moments of these compounds 
are compared with the corresponding aromatic and aliphatic derivatives. 
The dipole moments of the acetyl derivatives of durene and mesitylene are 
very similar to the value for acetone but lower than that for acetophenone, 
where resonance with the ring occurs. In aldehydes, on the other hand, where 


apparently there is no steric hindrance, the moment is almost identical with 
that of benzaldehyde. 
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Table C. Dipole Moments of Molecules containing Many 
Resonating Systems * 


Molecule 


O 2=N—C gH aC eH a—NH 2 


O,N—C,H,—_CH=CH—C,H,—N(CH,;), 
O gN—C As | aa N=N—C As | s—N(CH 


(CH 3) gN—C As! «CHO 


(CH,),N—C,H,—CH=CHCHO 
(CH;) 2N—C,H «—CH= CHCOCH 3 
(CH;) ,N—C,H,—CH=CHCH=CHCOCH, 


(CH;),N—C,H as ler (CH). 


O,N—C,H,—OCH, 


O 2N—C,H «— CH=CH— C,H e—O CH 3 
O 2N—C sl a—N=N—C aH -—O CH 3 


* All measurements made in solution 


The lower values of the 
dipole moments of, for ex- 
ample, nitrodurene and 
nitromesitylene in compari- 
son with that of nitrobenzene 
is regarded as being due to 
steric hindrance and this view 
is corroborated by Raman 
g spectradata. It isconsidered 
that the methyl groups in 
the ortho positions cause the 
nitro group to leave the level 
of the benzene ring. This 
has the result that the reson- 
ance with the ring and with 
other groups in the para posi- 
-74 tion is less probable. A 
similar argument may be 
‘9 applied to other derivatives. 
This explanation of the 


3/2 


Table CI. Dipole Moments of Durene and Mesitylene Compounds with Corresponding Aliphati and 


X 
Br 1°45 
COCH, 2°72 
CHO 2°49 
COC! 2°40 
NO, | 3°17 
NH, | 1°32* 


Aromatic Derwatives 


H,C CH, CH; 
X H,c< Sook 
> oe 
H,C CH, CH, 
1°52 1°55 | 1°52 
2°88 2°68 2°71 
2°95 2:96 — 
3°32 — | 2°95 
3°96 3°39 3°65 
1°53 1°39 : 1°40 


* Measured in the gas phase, al] other measurements made in solution 


dipole moment data has 
yet to be substantiated 
by x-ray diffraction 
measurements. 
Derivatives of naphtha- 
lene and other polycyclic 
molecules— The dipole 
moment of the mono- 
substituted derivatives 
of naphthalene and te- 
tralin are given in Table 
CIII, and it is observed 
that there is an appreci- 
able difference in the 
values of the moments of 


Table CII, Dipole Moments of Di-substituted Durene Compounds 
and Corresponding Aromatic Derivatwes 
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the a and 8 derivatives. Table CIIT, Dipole Moments of « and 8 Monosubstituted Derivatives 
The values for the a of Naphthalene and Tetralin * 


derivatives are close to 


‘ | ' 
| Dipole moment | Dipol t 
those of the correspond- faaag : eye 
ing monosubstituted olecule | ere holecuie a ae 
benzene compounds but ~——-—-—-— eee, = 
€ P -  Autronaphthalene | 3:98 1 4-46 Iodonaphthalene (3°43 | 1°56 
the values of the 8 deri- Aaphihylamine igo 177 Naphthol | 1-43 | 1°53 
° F uoronaphthalene t-42 1:52 Naphthalene sulphonamide 5: ‘36 
vatives are always Chloronaphthalene | 1°51 165 Mitrotetralin so | rae | 231 
greater. This behaviour 4remonaphthalene | 152 1°70 


is also observed in other 
similar compounds. 
Thus the dipole moment of quinoline, /, is 2-19, D, a value which is close 
to that of pyridine, 2:25, D, whereas the 


~ ~~ 
a? WF" 


I II 


* All measurements made in solution 


moment of isoquinoline, //, is 2:55, D. Also the moment of 1-nitro-2- 
naphthylamine”™, JJ] is 4:47, D and that of 2-nitro-1-naphthylamine, JV, 
is 4-89, D 

NO, NH, 


C NH, NO, 


II IV 


the inoment of 4—nitro—2-naphthylamine, V, is 4-62, D and that of 3-nitro- 
1—naphthylamine, VJ, is 5°14, D. 


NO, NH, 
ox 
Om ro. 
V VI 
It might be considered that the moments of 4—-nitro—1—naphthylamine, V/J, 
and of 5-nitro—1-naphthylamine, V//J, would be equal. 


NH, NH, 
NO, NO, 
VIT VIII 


This, however, is not the case, as the former has a moment of 6:67, D and the 
latter one of 5.22, D, which is close to the vectorial sum of the moments in 
m-nitraniline. It will be evident from the above examples, that the con- 
ditions of resonance in the various positions of the rings are not the same. 
In monosubstituted naphthalenes there are seven possible valence bond 
structures with a separation of charge in the case of the a derivatives and 
only six for the B derivatives, v1z 
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xt Xt xt 
| 
VA 2 WA \ VA 
6 r ¢ 
VAG 40 We 
Xt x+ X+ xt 
| | 
mM wo w mw 
MW. VAY VAY LA 
= xt _ x+ Xt 
XY ( WA\4 Gs VON A 
\/\4 C0 W/\/_ 
Xt Xt _ xt 
24 \4 2\4\4 LZ 4 
| \ y | ) $¢ 
VAN A \4\4 VON A 


This explains the difference between the a and 8 derivatives. 
In benzene derivatives, the centre of gravity of all charges on the carbon 
atoms of the ring lies on the extension of the line through C—X. 


In naphthalene, however, this is not so and irregularities in the values of 
the dipole moment must therefore occur?!. 
In the molecule of phenanthraquinone : 


mi Pas 
\_F 
aos 


O@. 


all the rings contribute to the resonance of the molecule, there being 
several structures of the type 
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and np, = 5:6 D. The moment of each CO group in this case 1s 3:23, D, a 
value which becomes still greater, 3:49,, in benzanthrone”? : 


O- 
rN) 
\ N\A \4 

N eu 


where forty two valence bond structures contribute to the resonance of the 
molecule. 

Heterocyclic compounds— The polarity of heterocyclic compounds is due to 
the formation of ionic valence bond structures. Thus in furan, J, structures, 
similar to those in esters occur, JJ, as well as a structure with a trivalent, 
positive oxygen atom, J//, and the moment is 0-71, D. 


HC—CH HC—CH HC=CH 
2 N ON 
HC CH HC +CH HC-— CH 
a ee ad O 
O \ O- . Ot 
I II HI 
two structures Sour structures 


The dipole moment of coumarone, 


$e 


is 0-79, D and of diphenyleneoxide, 


Soe 


0-88, D which is less than the values for simple ethers. If the oxygen atom 
can be positively charged not only with reference to a carbon atom but also 
with respect to some more electronegative substituent group, then additional 
valence bond structures occur. In the first column of Table CIV the values 
of the dipole moment of several such molecules are given. In the case of 
y dimethylpyrone?? the value is 4:62, D, whereas the vector sum of the 
moments due to the carbonyl group and of oxygen in the ring is only 
2°18, D. This considerable increase must be due to the contribution of the 


Structure : 
O- 
X 
bo, 
+ CH 
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In xanthone and coumarin the analogous structures : 


O- 
| 
ad iN CX 
Wo’ \F VAN oan 
+ + OF 


contribute to the molecular resonance. Similar behaviour is noticed with 


Table CIV. Dipole Moments of Heterocyclic Compounds 


Molecule noe amen Molecule se i a 
O | O 
: | ) 4°62 | . 5°4 
Aor s 
H,C CH, 
O 
| 
( ji e@ 
4 On SN“ 4:01 
H,C, C,H; | oO 
| CH, 
O | O 
“oy | 
2°94 | 
OQ | os 
‘} 
CH, 
| 
| 
OC tae ¢ * 
4°5 
oX a | N 
O | 
CH, 
rt 
4°39 
| | 1-46 
aN NNN 
H,C, C,H, OH 
(\ 2-06 
\N“A 
NH, 
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heterocyclic compounds containing sulphur and nitrogen (see Table CIV) 
and the contribution of structures containing trivalent, positively charged 
sulphur is found to be greater than in the case of the corresponding oxygen 
compounds. In N-methylketopiperidine and in N-methylacridone, the 
dipole moment differs from the vectorial sum of the group moments owing 
to the contribution of the structures : 


O- 
AA \ a 
VAN’ \Z \N’ - 
Ctr, bu, 


respectively to the final state of the molecules. In a-oxypyridine, the 
nitrogen can be divalent and negatively charged and the oxygen trivalent 
and positively charged 


/\ 
l WY 
O+ 


| 
H 


and in a-aminopyridine the structure 


contributes to the resonance of the molecule. 

Dipole moment of free radicals— It has already been pointed out in Chapter 
5 that in the stabilization of free radicals containing oxygen and nitrogen 
atoms, the superposition of ionic states plays a significant part. This view 
is supported by the values of the dipole moments of a,a’—-diphenyl- 
B-picrylhydrazine, J, p, = 4:92 D 


NO, 

wa 
OND a 
aw 
uy, H 
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and of a,a’-diphenyl-f-picrylhydrazyl*4, I7, u, = 3°59 D. 


Il 


The large moment of the molecule J is due to the contribution of structures 
of the type ///: 


The moment of the free radical JJ will also be raised significantly by the 
contribution of the structures JV and V: 


:; Va 
(CgH;) Nt_N-— Ne 
\ ee 
O,N 
IV 
(C.H5) .N ie ae 
O,N we 
V 


In certain cases, the number of carbon atoms which may contain the 
unpaired electron may, through the resonance with ionic structures, be 
increased. If this is so the free radical will be stabilized and its formation facil- 
itated. Thus hexa-/-nitrophenylethane, (NO,C,H,),C—C(C,H,NO,), 
dissociates completely into the radical (NO,C,H,),C° under conditions in 
which hexaphenylethane only partially dissociates. In the first case the odd 
electron is not only shared between the ortho and para carbon atoms of the 
ring systems but also with the other carbon atoms, as for example, in the 


structure O 
O,NC,H, - 
Ct Nani 
‘== x 
O,NC,H, O- 
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Therefore the free electron is delocalized to a greater extent than in tri- 
phenylmethyl, and the radical is more stable. 


DIPOLE MOMENTS AND MOLECULAR STRUCTURE 


In a number of cases the magnitude of the dipole moment may be used 
to determine the geometrical configuration of the atoms in a molecule. 
Thus the first proof of the triangular structure of water arose from dipole 
moment measurements. Calculation may also be made of the valency 
angles from dipole moment data, but the values obtained are not as accurate 
as the more direct methods employing spectra, x-ray and electron diffraction 
measurements. However, for complex molecules when the application of 
more exact methods is not possible, the analysis of the dipole moment data 
may give valuable information. Thus the moment of thianthrene is 1°57, D, 


Os) 
ene 


If these molecules were flat they would have a zero dipole moment as is the 


case with oxanthrene, 
O 
O 


The existence of a permanent dipole moment shows that the sulphur and 
selenium bonds do not lie in the same plane and the molecules have a bent 
structure. 


Dipolar structure of amino acids—The dipole moment data support the 
dipolar, zwitterionic, structure of the amino acids, viz NtH,RCHCOO-. 
If the molecule at its iso-electric point possesses this structure, it will have a 
very large dipole moment of the order of 13-9 D since the distance between 
the charges is approximately 2-9 A. Unfortunately such compounds are 
only soluble in polar solvents and it is therefore impossible to measure the 
dipole moments directly. The dielec- 
tric constant of aqueous solutions of Table CV. Dielectric Properties of Amino Acids 
amino acids is, however, greater than 
that of water and furthermore in- 
creases in direct proportion to the 


of selanthrene, 1°41, D, 


Amino acid 


concentration. The value of 4e/d¢ poH(NH,)\COOH (a) | 22-26 
t.e. the change of the dielectric constant RCH(NH,)CH,COOH = () 32-36 
as the concentration is increased by RCH(NH,)(CH,),COOH (y) | 51-55 
I gm mol/] is found to have an approxi- 

mately constant value for each amino RCLINH GH) ‘COOH ie a 
acid. With an increase of the number RCH(NH,)(CH,),COOH (6) 87 


of carbon atoms between the polar 
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groups 4e/ dc increases almost linearly. These data (Table CV ) are indirect 
corroboration of the large dipole moment of the amino acids. 

The dipole moments of the esters of amino acids measured in non-polar 
solutions are generally of the order of 2:1 D, evidently amino acids in the 
non-zwitterionic form, RNH,CH,COOH will also have a small moment. 
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ADDITIVITY OF BOND ENERGIES IN ORGANIC COMPOUNDS 


THE BOND ENERGY of a diatomic molecule is equivalent to the energy of 
dissociation of the molecule, which, as we have seen in Chapter 8, may be 
obtained in many cases from spectroscopic data. For polyatomic molecules, 
the bond energies cannot be obtained from spectroscopic measurements and 
therefore must be calculated from thermochemical data. ‘Thermochemical 
measurements are somewhat less accurate than spectroscopic measure- 
ments, but improvements in experimental technique develcped over 
several years, particularly by Rossint and KisTtiakowski, have reduced the 
error to the order of I in 5,000 kcals. This degree of accuracy has per- 
mitted the investigation of the energy changes accompanying several 
important reactions where small differences in energy are important, such 
as the heats of formation of isomers. 

As is well known, the heat of formation of an organic compound is 
equal to the sum of the heats of formation of the products of combustion, 
generally CO, and H,O, from which is subtracted the heat of combustion 
of the particular substance. Such heats of formation, however, are generally 
given in terms of a standard reference state of the participating substances 
which is generally taken as the physical state of the compounds at normal 
temperatures and pressures, e.g. gaseous carbon dioxide, liquid water, solid 
carbon, gaseous hydrogen, H., and gaseous oxygen, O,. In the evaluation 
of bond energies, however, we shall be concerned with the heat of for- 
mation of the compound in the gaseous state from the constituent atoms, 
for example, from atomic carbon C, atomic hydrogen H and atomic 
oxygen O. In order to obtain this value of the heat of formation, it is 
necessary to add to the heat of formation from the standard states, the 
necessary latent heats of sublimation and evaporation, and the heats of 
formation of H,, O, and solid carbon, C,, from the respective atoms. 
The heat of evaporation is known for a number of organic liquids ; when 
it is not known, however, Trouton’s rule may be used without very great 
error. Thus for the hydrocarbon C,H,,,,, the energy of formation E 
from gaseous atoms will be 


E= RQ co, + (n+ 1)Q uo —-Q+nS + (n+ 1)Qu, ree @) 
where Qo, and Quo are the heats of combustion of carbon and hydrogen 


in the standard state, Q is the heat of combustion of the hydrocarbon in the 
gaseous state, S is the heat of sublimation of diamond, and Qy, the disso- 


ciation energy of H,. All these quantities are accurately known from 
either spectroscopic or thermal measurements except the heat of subli- 
mation of solid carbon (diamond) to gaseous carbon atoms. The latter 
quantity may be determined either directly, or from the dissociation energy 
of CO determined spectroscopically. The values recorded in the literature 
vary from 170 to 80 kcals/gm mol, but the older values are clearly incorrect 
and on the basis of a critical survey of the data HERZBERG! gives the value 
as 124°1 + 0:5 kcals. This value has been employed in the following dis- 
cussion, although GAypon and PENneEy have suggested a different value?. 
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A very large number of organic compounds contain relatively few 
different types of bonds, e.g. C—H, C—C, C=C, C—Cl, and it has been 
suggested that each bond possesses an energy which is independent of the 
other bonds in the molecule and that the heat of formation of the gaseous 
molecule will be equal to the sum of the energies of the various bonds 
occurring in the molecule. Thus the energy of formation of methane is 
equal to the energy of four C—H bonds ; of ethane to the sum of the bond 
energies of one C—C bond and six C—H bonds. In general, for the 
molecule C,H,,42 we May write 

E = (n — l)Eg og + (2n + 2)Eo_g oo. (11.2) 
where Ey, and Eo_g represent respectively the bond energies of the 
C—C and C—H bonds. The bond energy is often dependent on the 
actual reaction occurring and in particular on the nature of the molecular 
fragments formed. For example the average energy of the C—H bond 
in methane is one quarter of the energy of formation of methane and 
equals 348-6/4 = 87-15 kcals, whereas the reaction CH, = CH; +H 
requires 102 +1kcals and the reaction C,H, = C,H; +H _ requires 
98 +2kcals. In a similar manner the energy required to dissociate 
C,H, into two CH, radicals is 82-6 kcals and for the dissociation of C,H4) 
into two C,H, radicals, 77-6 kcals, neither energy value being the same as 
the average energy of the C—C bond. Nevertheless, when additivity is 
confirmed by experiment, it is frequently possible to speak of the energies 
of separate bonds. 

If the concept of the additivity of bond energies be assumed, the difference 
in the heats of formation of two adjacent members of a homologous series 
must be constant. From equations 11.1 and 11.2 it follows that 


(n—1) Eg ot (2n+2) Eo =MQeo, + (2+) Quo — Qt+nS+ (n+1)Qa, 
Seted( T1sS) 


Thus in one gram atom of diamond, there are 2,V carbon to carbon bonds so 
that the heat ofsublimation 1s twice the bond energy per gm mol, 7.¢. S=2£¢_¢. 
In diamond each carbon atom is bonded covalently to four other carbon 
atoms arranged tetrahedrally and since each bond is common to two carbon 
atoms, there are twice as many bonds as atoms. Substituting this value for 
S in equation 11.3 and rearranging, we obtain 


ae Qeo,+ Quot Eo-ct+ Qu, — 2Eo-g «... (11.4) 


n 
Thus for a series of saturated hydrocarbons the quantity (Q + Q co,) /(n + 1) 


should have a constant value, irrespective of the value of n. The experi- 
mental data, however, given in Table CVI show that for the n-saturated 
hydrocarbons, the additivity of bond energies is not fulfilled for the first 
four members of the series but is applicable to all higher members. We 
may therefore use the data for the molecules from C,H,, to C,.Ho, for the 
calculation of the energies of the C—C and C—H bonds and we obtain, 
using the method of least squares 


Pein = 85:56 kcals 


These values have been used for calculating the heats of formation of 
hydrocarbons in Table CVI (column 5). 
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Table CVI. Heats of Formation of n-Saturated Hydrocarbons In order to calculate 


by a similar method the 


Hyd Q : _ Fats of 0 + Qco energy of the C=C bond 
yaro~ ormation hr eo, ; 
carbon | keals | keals | keals |calc. from bond| + 1 we may use either the 


data of Rossini on the 


energies kcals : 
: heats of combustion of 


ee nd ne eee 


CH, 2128 | 184 | 348-6 342°3 1536 the hydrocarbons or the 
C,H, 372°8 | 21-2 579 576-1 1558 values of the heats of 
Citi 530° se B11 . 810-0 156°3 hydrogenation obtained 
ee Ne ade as vee 1595 by Kistiakowski. The 
CHy, | 845°3] 37-2 | 1,2778| 11,2778 | 1566 data show, as in the 
oH, | 1,001-°6 7] 1,5IEQ] 1,517 1566 saturated hydrocarbons, 
hae Ltt? 15745°8 | 1,745°6 1566 that for the straight 
oH, =| 1,384 1,979'5 | 1,979°5 1566 chain ethylenic hydro- 
CyHap | 1.4713 2,213°5 2,213°4 1566 carbons with the double 
rolls, | 1,628-2 2.4471 | 2,447°2 1566 bond in the 1-2 position 
Hy | 1,784°4 2,681°3 | 2,681 1566 the additivity concept is 
asttgg | 1,941°9 2,914°2 2,915°0 156-6 


not fulfilled in the first 
three members of the 
series, but is first ob- 


served in 1-—pentene. 
The energy of the C=C bond is found to be 101-16 kcals. Similar cal- 


culations for the n-alcohols (JTable CVII) give the sum of the bond energies 
in the group C—O—H as 185 kcals. The heat of formation of H,O 3s 
220 kcals, which gives the bond energy of O—H as 110 kcals. Combination 
of these data gives the energy value of 75 kcals for the single bond between 
carbon and oxygen (C—O). 

These examples show that in a number of cases the bond energy 1s 
found to be an additive quantity, but the extension of these calculations to 
other series of molecules is unfortunately not possible owing to the lack of 
accurate data. Bond energies of other groups must therefore be obtained 
by employing approximate data and the values may have to undergo 
alteration as more accurate data become available. The values calculated 
from the available data are given in Table CVIII, the energy of the bond 
C=C is obtained from the heat of formation of acetylene, with the 


assumption that Eyp_g = 85:56 kcals. The homologues of acetylene show a 
higher value for the 


energy of the triple 
bond, and this will bedis- 
cussed later. In allene, 


? Q; is the heat of formation of the substance from the elements 
in their standard states 


Table CVII. Heats of Formation of the n-Alcohols 


where there is a con- 
jugated series of double 
bonds, the energy of the 
C=C bond islow. The 
value of the bond energy 
of the carbonyl group in 
aldehydes has been ob- 
tained from heat of 
hydrogenation of acet- 


aldehyde, 554°4 kcals. Pe 


In the carboxy] group, 
owing to the molecular 


Qr 
kcals 


57°23 
63°64 
69°77 
75°75 
81°73 
87-56 
93°39 
99°22 
105°05 


48-60 


E 
kcals 


437°50 

673°75 

910°74 
1,141°47 
1,374°95 
1,608-63 
1,842°05 
2,075°49 
2,308-92 
2,542°35 


Difference between 
adjacent members 
of series 


236-25 
236-99 
230°73 
233°48 
233°68 
233°42 
233°44 
233°43 
233°43 
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Table CVIII. Bond Energies in Organic Molecules 


| 
Bond Energy | Bond Energy 
keals keals 
ee er ee ee ee ee ee RE eee ee! 
C—H 85°56 C—F 104* 
C—C 62-77 C—C! 69 
C=C 101-16 C—Br 57 
C=C (acetylene) 128-15 C—I 43 
O—H 110 N—H (NH;) 83 
C—O (alcohols) 75 N—C 53°5 
C—O (ethers) 75 C=N (HCN) 146 
C=O (ketones) 155-157 C=N (nitriles) 149 
C=O (CH,O) 144 N=C (isonitriles) | 139 
C=O (aldehydes) 149°5 C=N 84* 
y O 
cv (HCOOH) 348 N=N 80% 
OH N—N 2743 
O 
oO . N--O 61* 
C (acids) 360* P 
\ N=O 108 
OH 
O O 
O VA 
C ( formates) 313 one 169 < E < 186 
OC | O- 
O | C=S (CS,) | 107°5 
| 
UA | 
= (esters) 327 | C—S 54 
OC | S—H 82 


* approximate values 


resonance, it is not possible to assign separate energy values to the C=O, C—O 
and O—H bonds and in Table CVIII the heats of formation of the groups 


O O 
Cc in acids, and C 
O—C 


in esters are given. It will be noticed that for formic acid and the esters 
of formic acid, lower values of the energy are obtained compared with the 
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higher homologues; this is most probably due to the fact that resonance 
with a structure having a positively charged hydrogen atom, v2z 


O- 


“HC 
x 
O—H 


is improbable since it involves a divalent carbon atom. In the higher 
members, the corresponding structure 


H+ O- 
/ 
H,C—C=C 
\ 
H ~O—-H 


may partake in the resonance of the molecule. 

The energy of the C—Cl bond has been obtained from the heat of 
chlorination of ethylene, 43-65 kcals ; the heats of bromination of several 
ethylenic hydrocarbons have been determined, which permits the evalu- 
ation of a more accurate value for Ec_s, than for Eyq. The value 
obtained is 57 kcals which is slightly greater than that obtained from the 
values of the heat of bromination of methane and ethane, 53 kcals. The 
C—I bond energy has been obtained from the heats of combustion of 
alkyl iodides and it is very probable that the value obtained is somewhat 
low. The energy of the single bond between two nitrogen atoms, Ey-_y, 
has been obtained from the heat of dissociation of hydrazine and will be 
discussed later. The energy of the N—O and N=O bond may not be 
obtained so directly, but may be calculated from a knowledge of the energies 
of the following groups : C—O—NO, (312 kcals), C—O—N=O (244 kcals), 
C—NO, (240 kcals), N—NO, (231 kcals), C—N=O (162 kcals), N—N=O 
(148 kcals) and C=N—OH (255 kcals). 

An examination of the values of the energies of different bonds shows 
that the bond energy is increased if the bond possesses some ionic character. 
Homopolar double bonds, in general, have a value of the order of 100 kcals : 
C=C, 101°16 kcals ; N=N, 80 kcals ; C=N, 84 kcals ; but in the strongly 
polar carbonyl group the value of the bond energy is much higher, being 
of the order of 150 kcals. This increase in strength with increase in ionic 
character is reflected in the internuclear distance which is, for C=C, 1:34 A 
and for C=O, 1-20 A. This behaviour is also shown by the corresponding 
single bonds, Ey. being 62:77 kcals and Ey» 75kcals and the bond 
lengths respectively 1-54 A and 1°47 A. 

According to the Heitler-London theory of valency, the energy of a 
molecule consists of the exchange energy A and the Coulomb energy C 
(see Chapter 3). The exchange energy of a localized bond will include 
both the attraction and the repulsion energies, and the Coulomb energy 
will represent the energy of interaction of all the charges in the molecule. 
In addition, it is necessary to take into account the energy of excitation V 
required to transfer a carbon atom in its ground state, 15%2572p%, to the 
excited state, 15225263, where it may form four identical sp? hybrid bonds. 
The total energy of formation of a bond will thus be 


E=—V+2%0C+ 2A —} 2A’ wee (115) 
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H where &A represents the exchange energy of all 

5 electron pairs forming bonds, and %A’ represents 
the exchange energy for all other pairs of non- 
localized electrons. 

HW! io2 Ory In methane there are eight valency electrons, 
: four from carbon (Figure 38; 1, 2,3 and 4) and 

one from each hydrogen atom (5, 6,7 and 8). The 

exchange of electrons 1-5, 2-6, 3-7 and 4-8 gives 


7 rise to the four C—H bonds with a total exchange 
H energy of 44.q. In addition to the above ex- 
Fi 8. Methane electron Change process, each electron of the carbon atom 
lie pam Ee may be exchanged with one of the other hydrogen 
electrons and there are twelve such interchanges : 
1-6, 1-7, 1-8 
2-5, 2-7, 2-8 
3-5, 3-6, 3-8 
4-5, 4-6, 4-7 


with a total exchange energy of -— A'oy. Finally there will be the 


interaction energies of the four electrons of the hydrogen atoms : 

5-6, 5-7, 5-8 

6-7, 6-8, 7-8 
and we will designate the energy of each such interaction by R. Thus for 
the energy of formation of methane we have 


Fun, = —V+2C + 4A cq — 6A'ca — 6R <8Cb10) 
Similarly we may write 
Fou. = 2V -{- LC. + 6A cx + Acc ao 9A’ on = TRA co er 6R 
shec(ITs7) 
Econ, =i. 3V + IG + 8A cu + 2A cc = 12A cx =— 1L5A ‘oo = 7R 


oo. (11.8) 
where Acc is the exchange energy of electrons forming the C—C bond 
and A’o, is the exchange energy of the non-localized electrons of the 
different carbon atoms. 

In general we may write 


= —nV + XC + (2n + 2)Aca + (n — 1)Ace — (32 + 3) Ace 
— Th (n — 1)A'og — (n + 4)R ig eet T2G) 


As will be evident trom equation 11.9 the quantum mechanical treatment 
has led to the appearance of a number of additional terms in the expression 
for the energy of formation compared with the simple additive treatment 
(equation 11.2). The bond energy terms, ¢.g. Epc, Eo-z, are in fact 
complex functions, including in addition to the exchange and Coulomb 
energies of a bond, the excitation energy of the valency state of carbon 
and the repulsion energy of the non-bonding electrons. 

The quantum mechanical treatment gives a constant value for the 
difference in energy of two adjacent hydrocarbons commencing with 
ethane, viz 


E 
CHonte 


= —V+2Acat+Aco—34'ca— THA cc -R+42C 
». (1.10) 


—E, 
OF onte o- tart 
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Thus the quantum mechanical treatment is not in agreement with the 
experimental values. 


DEVIATIONS FROM THE ADDITIVITY RULE 


Isomeric effect— The additivity rule for bond energies applies only to 
compounds in a homologous series and small changes in structure cause 
deviations in the heats of formation. If the additivity rule were correct, 
saturated hydrocarbons possessing the same number of carbon and hydrogen 
atoms would have identical heats of formation. This, however, is not 
correct as is shown in Table CLX, where the experimental data indicate that 
the heat of formation 
of a branched chain 
hydrocarbon is always Heater eear 
greater than that of the Hydrocarbons urth formation of | Corresponding | formation a ih 


Table CIX. Heat of Formation of Isomeric Hydrocarbons 


branched chain tsomerte normal of normal als 
normal hydrocarbon. hydrocarbon | hydrocarbon | hydrocarbon 
This effect is not only _ keals keals 
shown by the hydro- Isobutane 1,046°4 Butane 1,044°8 | 1°6 
carbons, but also by syopentane ee 
:279°74 1°94 
other classes of com- TétramethyImethane 1,282°7 } Pentan 42778 | 49 
pounds: alcohols, Methylhexane (2~ and 3-) 1,747°4 1-6 
3~Ethylpentane 1,746°3 05 
esters, ketones, ele. 2, 2-Dimethylpertane 1,746-6 Heptane 1,745°8 18 
The difference in the 2, 3-Dimethylpentane 1,747°4 , 16 
. 3, 3-Dimethylpentane 1,748°2 2°4 
heat of formation of 2° 4-Dimethylpentane 1,747°6 1-8 
two isomers is relatively , . .-7,; . 
, 2, 4-Trimethylpentane 1,982°6 } . 3°15 
small (about I to 5 kcals, Hexamethylethane 1,984°6 Octane 1979'S 51 
see Table CIX) and since 2-Methyinonane 244865 1) decane ages | AS 


the heats of formation 5~*/thyinonane | 2448-25 


aregenerally determined 
at 298° K, the question arises as to whether the difference is due to some 
contribution to the heat of formation, dependent on the symmetry of the 
molecule and on the nature of the vibrations. Prrser*’, however, has shown 
that the transfer from the normal to the branched chain hydrocarbon at 
o° K does incur the absorption of energy (Table CX). 

If we consider this 


Table CX. Chang of Hat Cott om Horie Trnfratin pechiem from the Point 


aH oH of view of the repulsions 
Reaction alo’ K at 298’ K existing between 
keals keals ‘ : 
SS neighbouring hydrogen 
n—-Bulane -> Isobutane — 1274+ 021 — 1:6 + 0°20 
n-pentane -> Tetramethylmethane — 4°02 + 0°32 — 49 +03 each CH, group there 


are three such repul- 
sions, but for a CH, group only one. Thus in the quantum mechanical 
equation for the heat of formation of butane, there will be eight repulsion 
terms and for isobutane, nine such terms. This treatment, therefore, leads 
to the prediction that the heat of formation of the branched chain hydro- 
carbons is less than that of the normal hydrocarbons, a conclusion which 
is the reverse of that obtained from the experimental data. Furthermore, 
the heat of formation of the molecule is greater, the greater the number 
of interactions between hydrogen atoms, H.....H. Thus in pentane there 
are nine, in isopentane ten, and in tetramethylmethane, twelve such 
interactions ; whereas the heat of formation of isopentane is greater than 
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that of pentane by 1-9 kcals and that of tetramethylmethane by 4:9 kcals. 
Similarly, in n-octane there are twelve H..... H interactions and in 
hexamethylethane there are eighteen and the heat of formation is increased 
by 5:1 kcals. 

It may be that it is necessary in compounds containing tetravalent 
carbon atoms, to take into account the resonance with valence bond 
structures in which carbon is in the divalent, i.e. 526? state. If this be so, 
then for methane it is necessary to consider the resonance between the 


orms ° H H H H 
ne A ‘eS 
C and C 
a ys 
H H H H 
one structure Six Structures 


Such resonance will bring about a gain of energy, and the greater the 
branching, the greater is the number of such structures. 
The heat of formation of the ethylenic hydrocarbons is dependent 


Table CXI. Heats of Formation of Ethyenic Hydrocarbons eet ns ed and the 


Heater | Ninbevof | Numberip degree of branching. A 
formation | --+> Bt! ionic ~=© Comparison of the data 
keals | interactions | Structures for butylene and _iso- 


| 
| —_ ——_——~,———— _ butylene shows that the 
| gig | 5 


| 


Molecule 


o— —— - —— ee ee 


CH 3== CHCH »CH. 


: latter compound has a 
heat of formation 
CH, | 
ws greater by 3°5 kcals than 
CH,=C 915°4 7 6 that of the former 
\ (Table CXI). This 
CH, | 
difference is possibly in 
cis 913°6 part due to the isomeric 
CH,CH=CHCH, 6 6 effect, but there will 
trans g14°6 also be a greater 
CH,—CHCH,CH,CH; 1,145°1 6 2 resonance energy owing 
to the contribution of 
gre ionic structures which 
CH,=CHCH (ase ; ; is suggested by the di- 
pole moment data. In 
CH; isobutylene (yz = 0-49 D) 
there are six structures 
CH,CH=CHCH,CH, 1,147°2 7 5 of the type, 
CH; +H CH, 
CH,CH=C 1,150°4 9 9 *\ -CH, 
CH, / 
H,C 


whereas in butylene (1 = 0-30 D) there are only two analogous structures, 
UIZ Ht 
CH,—CH=CH—~CH, 
The data for other ethylenic hydrocarbons is given in Table C.XT. 
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The energy of the acetylenic bond, C=C, in acetylene is 128-6 kcals; in 
methylacetylene the value is 132-2 kcalsand in dimethylacetylene, 135-5 kcals. 
Thus the energy of the C=C bond is found to increase as the homologous 
series is ascended, although it is possible that, as in other cases, the value 
may become constant after the fourth or fifth member ; the necessary 
experimental data, however, is not available. The increase of the bond 
energy is most probably associated with the increased contribution of ionic 
structures to the resonance of the molecule. ‘Thus in methylacetylene 
there are three structures of the type 


+HCH,=C=-CH 


and in dimethylacetylene six similar valence bond structures. It should, 
however, again be emphasized that in calculating the energy of the C=C 
bond, the energy of the C—H bond has been assumed to be that in methane, 
an assumption which is not necessarily valid. 

Resonance energy— Where the deviations from the additivity rule are such 
that the actual energy of formation is greater than the calculated value, 
it is found possible to describe the molecule by more than one valence 
bond structure. Thus it is found that every resonating molecule is more 
stable than it would be if it had the valence bond structure assumed for 
it in calculating the bond energy. The difference between the calculated 
and observed values has been termed the resonance energy by Pautine‘. 
This quantity we shall denote by the symbol Eg. 

In butadiene resonance occurs between the ordinary structure 
CH,—=CH—CH=CH, and other structures involving only one double 
bond, wzizz—CH,—CH—CH—CH,— and also, but to a lesser extent, 
+CH,—CH=CH——CH,. The sum of the energies of the bonds in the 
ordinary structure 1s 778-4 kcals and the experimental heat of formation 
is 782-3 kcals ; the difference, which is the resonance energy Ex, is 4:1 kcals. 
For 1-methylbutadiene CH,—=CH—CH=CHCH,, £, = 6:16 kcals, for 
2, 3-dimethylbutadiene CH,—C—C=CH,, E, = 4:0 kcals and for isoprene 


CH, CH, 
CH, 


| 
CH,—C—CH=CH,, Fy, = 8-3 kcals. If the resonance of the molecule is 
prevented, the additivity rule is found to apply, as in 
CH,=CH—CH,—CH=CH, 
or in 
CH,—=CH—CH,—CH,—_CH=CH, 
A comparison of the 


resonance energies . of Table CXII, Energies of Structures having Different Multiple Bonds 
structures involving 


triple and double bonds | 


may be made by con- Arpt VGC Radé|\ ibe CO fees 
sidering diacetylene Molecule in first in first in second in second | Difference 
‘ : structure structure structure structure 
vinylacetylene and keals keals 
resonance Structures Vinvl acetylene} = — = | 292 = = — | 265 27 
Butadiene = - = 265 - = = 226 39 


are as follows : 


2 
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HC=C—C=CH HC=C=C=CH 
HC=C—CH=CH, HC —C=CH—CH, 
H,C=CH—CH=CH, H,C—CH=CH—CH, 

UU : sausaelacess 


In Table CXII the differences in energy between the two valence bond 
structures J and JJ for the three compounds are given and it is seen that 
the energy difference increases in the order diacetylene, vinylacetylene, 
butadiene, and it is therefore to be expected that the contribution of the 
second structure JJ will decrease in that order, t.e. the contribution of 
structure JJ to the resonance of acetylene will be greater than in the case 
of butadiene. That this is so is shown by the values for the polarizability. 
The ease of polarization of the molecule, as shown in Chapter 10, is 
dependent on the contribution of the valence bond structures with non- 
saturated carbon atoms and in the hydrocarbons considered here, the 
polarization increases in the order butadiene, vinylacetylene, diacetylene. 


Table CXIII, Resonance Energies of Aromatic Hydrocarbons 


Molecule Resonance energy Molecule Resonance energy 

kceals 

Benzene Diphenyl 6-8 
Naphthalene Triphenyimethane 98 
Anthracene Diphenylmethane 3°9 
Phenanthrene Toluene 3°7 
Chrysene o-Xylene 3°6 
Stilbene 10°2 

Ethylbenzene 4°1 

Styrene 3°8 

Diphenylacetylene 5'7 


14347 


O° 
S83 


The resonance energies of some aromatic hydrocarbons are given in 
Table CXIII. Further insight into the resonance of benzene may be 
obtained from a study of the three successive stages of the hydrogenation 
reaction. We have 


C,H, + H, = C,H, 4H= ~~ 5-57 kcals 
C,H, + H, = C,H) 4H = — 26-78 kcals 
C.H,) + H, = C,H), AH = — 28-59 kcals 


The first stage is endothermic owing to the high resonance energy of 
benzene. The value of the heat content for the second stage is less than 
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that of the third, since in 1, 2-dihydrobenzene, resonance with the structure 


can occur, and the difference between the heat contents for these two 
stages will be the resonance energy of 1,2-dihydrobenzene (Ey = 28-59 
— 26-78 = 1-81 kcals). If E, 1s the total resonance energy of benzene, 
the resonance energy neutralized in the first stage of hydrogenation will 
be E, — 1°81, and if the change of heat content for a normal stage in 
the hydrogenation is taken as — 28-59 kcals we have that 
28-59 — (FE, — 1-81) = — 5-57 kcals 

and hence Ep = 35°97 kcals, a value which is in satisfactory agreement 
with that obtained from the heat of formation of benzene, 34 kcals. 

The high resonance energy of benzene frequently determines the course 
of a reaction, when compared with a similar reaction involving a molecule 
possessing no resonance energy. For example, cyclohexene may be 
catalytically transformed to cyclohexane and benzene§, 

3C,H,,) = C,H, + 2C,H,, 4H = — 35-97 kcals 
This reaction is thermodynamically favourable since the resonance energy 
of benzene is gained in the reaction. Similarly, the catalytic dehydro- 
genation of cyclohexane into benzene at 300° K has 
been shown by Tay_or’® to occur owing to the gain Table CXIV. Resonance Energies 


of the resonance energy, whereas the dehydro- _ %& Heterocyclic Compounds 
genation of cyclopentane and cycloheptane are 
thermodynamically unfavourable. Molecule | Reson ance cnergy 
In pyridine and its analogues, in contrast to __ meas 
benzene, ionic structures of the type Pyridine 42-2 
uinoiine : 
\ a Pholine ee 
\-N } n &-Picoline 48:2 


contribute to the reso- 
nance of the molecule in 
addition to the Kekulé 


Table CXV. Additional Resonance Energies of Benzene Derivatives 


Resonance Resonance type structures. This 
Molecule yeh Molecule Tea, has the effect of increas- 
eee evce eat ees ar eee eee (eee ears _-__. |__-______ 1ng the resonance energy 
C,H,Cl 26 (C,H,)N 5°4 of pyridine compared 
ith b e Te 

aot C,H,NH, 6-3 with enzene (sce Table 

J CXIV). 
C,H, Aiko 6-9 C,H,OH 4:2 The resonance of the 
substituted derivatives 
COOH C,H,0C.H; 52 of benzene are of par- 
ticular interest since 

CO C,H,NO : ae 
ia a (2'9) additional resonance 
aoe ye 195 +5 || CgH;COCH, | (—3) occurs, apart from the 
resonance of the 
oe CCRY "9 benzenering. In 
NH,C,H,CyH.NH; | = 12-3 C,H,CN 3°9 Table CXV the values 


of the additional 
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resonance energy, excluding that of the benzene ring, are given for various 
benzene derivatives. The presence of two substituent groups, if located in 
the ortho or para position will create additional resonance structures. For 
example, in f-nitraniline the following valence bond structure is possible : 


a va 
H O 


and its contribution to the molecule resonance has been confirmed by 
dipole moment measurements. We should, therefore, expect deviations to 
arise in the values of the bond energies. Unfortunately, however, there 
have been few thermochemical measurements with compounds of this type 
and such data as exist are inaccurate. An alternative method based on 
the heats of neutralization of amines has therefore been employed for the 
determination of the resonance energies of these compounds. The heats 
of neutralization of methylamine, ethylamine and ammonia are respectively 
13 kcals, 13:2 kcals, and 12-3 kcals, the reaction being 


RNH, aq + HsO+ ag = R*NH3 ag 


In aniline owing to the contribution to the resonance of the molecule of 
the structure 


H H 
Ne 
N+ 
the nitrogen atom may be regarded as being already partly in the tetravalent 
state and positively charged, 1.e. the amino group is already ‘ partially 
neutralized’. On neutralization with an acid, therefore, less heat will be given 
out. Alternatively we may say that a certain amount of energy has been used 
in overcoming the resonance of the molecule and that therefore the heat 
of neutralization is 13 — Ey. This method of calculating Fy, is open to 
criticism as it does not take into account the heats of hydration of the 
molecules and ions. The heats of neutralization are given in Table CXVI 
and the value obtained by this method for the additional resonance energy 
of aniline, viz 13 — 7°4 = 56 kcals, is in reasonable agreement with the 
value calculated from the heat of combustion. The heats of neutralization 
of f-aminoazobenzene and of o- and f-nitraniline are considerably lower 
than the normal value owing to the high resonance energy of these molecules. 
In f-aminophenol, which is not a zwitterion, the reverse effect is observed 
and the heat of neutralization is raised by comparison with aniline. This 
result is most probably caused by the suppression of the resonance of the 


amino group with the benzene ring by the presence of the hydroxyl group. 
The oxygen atom may exist in the positive trivalent state, as in the structure 


HO —+NH, 


248 


BOND ENERGIES 


and the resonance of Table CXVI. Heats of Neutralization of Aromatic Amines 
the amino group with OOOO OOD 
the benzene ring will Heat of 


Heat of 
thus be lowered and Molecule | neutralization Molecule neutralization 
hence the contribution | Aeals a 
of the = +NH, state to Aniline .. 740 p-Nitraniline aa Pao 
the resonance of the ee 6°44 ee bs 
amino group reduced. &-Naphthylamine 5°30 o—Aminophenol 

The ee ofthe heatof ? ~Aminoazobenzene 1°77 p—Toluidine : 7-60 


neutralization of p-tolu=_ 
idine, CH,C,H,NHg, is very near that for aniline, being 7-6 kcals; evidently 
the CH, group “has a negligible influence on the resonance of the molecule. 

The heat of formation of carbon dioxide is 336-9 kcals and since the 
energy of two C=O bonds 1s 310 kcals it follows that Ey = 26-9 kcals, the 
resonance being between the two structures O=C=O ‘and O-—C=Ot. 
By similar calculations using the energies of the C=O, C—O and O—H 
bonds, we find that for the group COOH, FE, = 20 kcals and for the group 
COOC, EE, = 22kcals. A greater deviation from the additivity rule 
occurs in acetic anhydride 


O 
a 
CH,—C 
S 
O 
/ 
CH,—C 
\ 
O 


where, owing to the presence of two C—O bonds, Fy = 28kcals. In 
carbonic acid and its derivatives resonance occurs among the three 
structures : 


O- O- 


O 
RO” een RO Not eo” No —R 


the resonance being somewhat inhibited in the esters, but not in the ion. 
For the esters the resonance energy 1s 27 kcals. 

When the resonance is between purely homopolar valence bond struc- 
tures, the resonance energy is less than when ionic structures are involved. 
This general rule may be illustrated by considering the resonance structures 
of furan and cyclopentadiene. In furan, J, the resonance involves 


HC—CH HC = CH HC=CH 
nf : a, Zs 
H HC- CH HG: CH 
SH Xe 
O+ O 
7 Il Il 


the ionic structure //, as well as the cross linked structure J/J. From the 
heat of formation we find that E, = 14:4 kcals. It is very probable that 
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this resonance energy is largely due to the resonance between states J and 
II since cross linked structures do not generally make large contributions 
to the resonance of the molecule. This reasoning is substantiated by the 
fact that the energy of hydrogenation of furan is 36-63 kcals and of cyelo- 
pentadiene 50°56 kcals. Since any resonance that occurs in the cyelo- 
pentadiene molecule can only involve the structures JV and V, the difference 
between these values, viz 13:93 kcals, represents the resonance energy 


HC—CH HC=CH 
~ \ ei 
HC CH HC ccccscece CH 

er 
C C 
H H 
IV V 


of the normal J and ionic JJ states of furan. This behaviour is even more 
marked in pyrrole, where Ey = 25 kcals. 

In diacetyl the two neighbouring C=O groups mutually hinder their 
bond resonance sincé the ionic structure 


CH,—Ct+t—-C+—-CH,, 
O- O- 
is improbable owing to the positive charge on each of the adjacent carbon 
atoms. The bead resonance in both carbonyl groups will thus be reduced 
and in agreement with this view, the bond energy of the carbonyl groups 
in diacetyl is found to be 147-30 kcals, a value which is significantly lower 
than that in normal ketones : 155 to 157 kcals. 

In the bond between a carbon and a halogen atom, considerable resonance 
occurs between the homopolar, G—Hal and ionic, C*tHalq states, as 
indicated by the dipole moment data. This may also be shown by a com- 
parison of the experimental bond energies with the values calculated by a 
formula suggested by Pauling‘, for the homopolar bond between carbon 
and halogen. A normal covalent bond AB will be similar in character 
to the homopolar bonds A—-A and B—B, and it is to be anticipated that 
the energy of the bond AB will lie between the values for the bonds A—A 
and B—B. Pauling therefore assumes that the energy of a purely covalent 
bond between the unlike atoms A and B is given by the arithmetic mean of 
the energies of the bonds A—A and B—B. There is no particular reason why 
the arithmetic mean has been chosen and in certain cases better results 
are obtained using the geometric mean. In general, however, the diver- 
gence between the values of the two means is small and for convenience 


the arithmetic mean is generally used (see Chapter 6 for a full account of 
this method). Thus 


(Ess) covalent am 4 (E —A a E _s) 
Using this formula we find that the energy of the covalent C—F, C—Cl 
and C—Br bonds are 63, 60, and 54 kcals respectively compared with the 
experimental values of respectively 104, 70 and 57 kcals. The difference 
between the experimental and calculated values are: C—F, 41 kcals ; 
C—Cl, 1o kcals ; C—Br, 3 kcals, an order which is in agreement with the 
decrease in polarity of the bonds. The experimental value for the energy 
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Table CXVII, Resonance Energies of Nitrogen Compounds* 


Resonance . Resonance 
Molecule energy | Molecule energy 
keals 1 kcals 
RCONH, 11-4 NH—CO 
CO(NH,), 23°0 | CH—NH 
C,H,CONH, 17°3 CO—NH bo 
(C,H,CO) NH 21°7 | Nh, 
(Allantoin) 
CH,;CO 
Ye = se NH—CO 
C,H,CO | | 
CH C% 
(C,H,CO) NH 245 || td go 
(C,H,CO),N 48-2 | “~N 
co | _ (Hypoxanthine) 
7 ™ | 
C,H, NH 198 
co ! 
| oe 
C,H,NHCOH 12:5 co <7 ae 
(C,H,NH),CO | 328 | oe 
ric 
C,H,CONHC,H, 23°2 | 
NH—CO | NH—CO 
| | | NH 
CO CO 30°2 | H,N—C Cc 
| | | CH 
NH—CO N OO 
(Alloxan) ; 
(Guanine) 


* The values have a possible error of + 5 kcals since only approximate values are known for the heats of 
sublimation. 


from the heat of formation of dicyanogen, C,N,, is 142 kcals which is 
4 kcals less than the value for hydrogen cyanide. This is most probably 
due to a suppression of the bond resonance, since the structure 
N-=C+t=Ct+t=N- is energetically unfavourable owing to the positive 
charges on the adjacent carbon atoms. 

The resonance energy of thiourea is 8-9+ 5 kcals, considerably lower than 
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that of urea. Evidently oxygen participates more readily in the resonance 
of the molecule and the structure J makes a greater contribution to the 
resonance of urea than structure JJ to the resonance of thiourea. 


*NH, +*NH, 
VA O 
O-—C S-—C 
x a 
NH, NH, 
I I] 


In methylisothiocyanate, CH,NCS, the resonance energy (15:3 kcals) is 
produced by the contribution of the ionic structures : 


CH,—N+=C_S-, CH,—N-—C=S+ 


to the resonance of the molecule. In methylthiocyanate the only possible 
ionic structure is 

CH,—S+t=C=N7 
since the structure involving a positively charged nitrogen atom is im- 
possible ; the resonance energy should therefore be lower in comparison 
to CH,NCS. 

Distortion of rings— In the cyclic hydrocarbons, the heat of formation is 
lowered considerably in comparison with the calculated value on account 
of the distortion of the valency angles. The extent of the distortion 
decreases in the order cyclopropane (C—C—C, angle 60°), cyclobutane 
(C—C—C, angle go°), cyclopentane (C—C—C, angle 108°). In cyelo- 
hexane and cycloheptane the structures are formed without distortion of 
the tetrahedral angle. The effect of the distortion of the ring on the heat 
of formation is shown in Table CXVIII. The effect makes itself apparent 
in other physical properties such as molecular 
spectra and refractivity and also is the cause 
of the chemical instability. This effect has 
been frequently referred to as ring strain. 


Table CXVIIT. Lowering of Heats of 
Combustion on Distortion of Bond Angles 


This is an unfortunate term as the energy Ape raids 
difference is entirely due to the fact that in energy 
these structures, the bonding orbitals do not kcais 


overlap to the maximum extent, except when 

the line joining the two nuclei forming the fo lbrehare 

bond happens to lie along the axis of both Gclopaitan 

bonding orbitals. In carbon in the sp3 state Cyclohexane 

the angle between these axes is the tetrahedral 

angle. Cycloheptane 

. cts-Dekalin 

Keto-enol tautomerism— The change from trans-Dekalin 

the keto to the enol form of a molecule 

generally involves the transfer of a proton 

from a carbon atom to an oxygen or nitrogen atom and the energy changes 

incurred in such a process may be studied from the point of view of bond 

energies. In acetone, for example, there exists an equilibrium between the 

keto form 


CH,—C—CH, 
| 


O 
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and the enol form 


OH 
In the keto form the bond system 
C—C—H 
. 
occurs with a total energy of 303-4 kcals whereas in the enol form, the bond 
system becomes eae 


- 

which has a total bond energy of 286-2 kcals. Thus the keto form is more 
stable by 17:2 kcals than the enol form, a value which is sufficiently large 
to cause the equilibrium mixture to consist almost entirely of the keto form. 
The equilibrium may favour the enol form if additional factors are present 
which bring about a gain in energy. Thus phenol is normally regarded as 
being in the enolic form, but may exist in the keto form : 


H H 
/ O 


x 
Vy, 

This structure, however, is much less probable from energy considerations, 
since although 17-2 kcals have been gained on account of the redistribution 
of the bonds, this transformation is accompanied by a much greater decrease 
of the resonance energy of the benzene ring. Thus the keto is much less 


stable than the enol form and the latter predominates. 
Stabilization of another type occurs in the case of acetyl acetone : 


H,C CH CH, 
ee ee 
C C 
b b 


In the enolic form, resonance of the two normal structures J and JJ with 
the ionic structures J/J to VI occurs : 


H,c CH (CH, H,Cc CH CH, 
AN V4 NZ 
Lo 1 
b-u 6 Ho 
I IT 
H,C CH CH, H,C os. Pi. 
VA \ 

\ il ae s 4 c 
b- a+ 6- b- w+ 6- 

II IV 
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H,C CH CH, H,C CH CH, 
KF SZ SF’ “SH 
C C C 
| | | 
O- H—O+ O+—H O- 
V VI 


The result of the contribution of these structures to the molecular 
resonance will be that the hydrogen is equally bonded to the two oxygen 
atoms which may thus be regarded as joined by a hydrogen bond (for a 
discussion of the hydrogen bond, see Chapter 12). he gain in energy 
owing to the resonance is sufficient to make the enol more stable than the 
keto form and the equilibrium mixture is found to be 92 per cent enol 
and 8 per cent keto in the gas phase. 


BOND ENERGIES IN INORGANIC COMPOUNDS 


In organic chemistry we have a very great variety of molecules which are 
formed by only a few different types of bonds. It is possible therefore to 
establish experimentally the constancy of the bond energy of any particular 
bond. A rather different state of affairs exists in inorganic chemistry 
where there is both a wide variety of different types of bonds as well as 
of compounds. We shall consider first the energies of the normal single 
bond between like atoms. In the case of the elements of the first and 
seventh groups accurate data are obtained from spectroscopic measurements ; 
this has been discussed mm Chapter 8. In P, and As, the atoms are 
arranged tetrahedrally and each atom of phosphorus or arsenic therefore 
forms three single bonds, using the three unpaired p electrons. The 
number of bonds in P, and As, will be six, corresponding to the number 
of edges of the tetrahedron, and the energy of one P—P or As—As bond 
may therefore be taken as equal to one sixth of the heat of formation of 
the molecule from gaseous atoms. The heat of the reaction 2P, = P, may 
be obtained from vapour pressure measurements and is approximately 
30 kcals. Using a spectroscopic value for the dissociation energy of P, 
into atoms (116 kcals) we obtain the value of 262 kcals for the heat of 
formation of P, and hence the energy of the P—P bond ‘is 44 kcals. 
Similarly we find that the heat of formation of As, is 203 kcals, and hence 
the As—As bond energy is 34 kcals. In addition to the molecules S, and 
Se,, which are stable only at high temperatures, sulphur and selenium 
exist in the vapour state as cyclic structures having the formulae Sz, S, 
and Ses, Seg. In these structures each atom forms two single bonds, there 
being eight bonds in S, and Se, and six in S, and Seg. The bond energies 
may be calculated from the energies of the reactions 35,=4S., Sg=35, ; 
S,.=2S. For the energy of the S—S bond, the value of 52:5 kcals 1s 
obtained employing the data for S, and 51 kcals using the data for Sg. 
The corresponding values for the Se—Se bond are 42 kcals and 40 kcals 
respectively. These values are somewhat different from those given in the 
literature, since more recent values of the spectroscopic dissociation energies 
of P,, As,, S. and Se, have been used. The main possibility of error lies 
in the determination of the heats of formation of the diatomic molecules 
from the higher polymers. 

The energy of the S—S bond may be determined by another method. 
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If in H,S, the atoms of sulphur form a normal single bond H—S—S—H, 
then by subtracting from the heat of formation of H,S, twice the energy 
of the S—H bond, the energy of the S—S bond is obtained. The heat of 
formation of H,S, is 205 kcals and the energy of the S—H bond is a half 
of the heat of formation of H,S (162 kcals) and hence Eg_, = 205 — 162 
= 43 kcals, a value which is somewhat lower than that obtained from the 
heats of formation of S,andS,. This discrepancy may be due to a difference 
in the ionic character of the S—H bond in H,S and H,S,. 
. . The data obtained may be used to 
Table CXIX. Energies of Single and compare the energies of the single and 
Double Bont: multiple bonds (Table CXIX). The single 
| a , bond energies of phosphorus and arsenic 
Bond energy | Single bond are slightly more than one third of the 


Seer ae = salt et energy of the triple bond. For sulphur and 

_—_______—_—_—_—_——— selenium, the single bond energies are more 
Hi 116 44 than half the energy of the double bond. 
S Ba oe A similar variation of bond energy with 
Se | 62 41 multiplicity occurs in carbon: Eg_¢ = 62 


keals, Eoeg = 101 kcals, Egec= 128 kcals. 

The existence of such molecules as P,, As, 
and C, is now understandable since the transfer from multiple to single 
bonds is accompanied by an increase in the stability of the molecule. 

The energy of the single bond between two oxygen atoms may be 
obtained by a process analogous to that used above for the S—S bond. 
Hydrogen peroxide has the structure H—O—O—H, thus containing two 
O—H bonds and one O—O bond. The heat of formation of water is 
220 kcals which gives a value of 110 kcals for Eg_y. Employing this value 
and 254°5 kcals as the heat of formation of hydrogen peroxide, we obtain 
Eo-o = 34°5 kcals. This value must not be regarded as too exact, however, 
since for the successive dissociation of H,O we have 

H,O = OH +H 4H = 119-5 kcals 
OH=O+H 4H= 99-5 kcals 
Employing the latter value as the energy of the O—H bond we obtain for 
the dissociation of hydrogen peroxide into two peroxide groups 
H,O, = 20H 4H = 555 kcals 
‘The energy of the O—Cl bond in Cl,O is found to be 49 kcals, hence 
employing Pauling’s equation (page 100) we may write, 
-Eo-c = $ (Eo_o + Fac) 
and hence using the value Eg_@ = 57°8 kcals, obtained spectroscopically, 
we obtain 
Epo < 40-2 kcals 
The examination of a considerable amount of data shows that the energy 
of the O—O bond is to a great extent determined by the nature of the 
adjacent molecules and we can therefore give only a very approximate 
value for the bond energy. 

The heat of the reaction 20, = O, is practically zero, although the 
molecule O, exists as a separate entity. Pauling rejects the structure 
rd 

| 
O—O 
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and the heat of formation of the molecule, 275 kcals, is too great to be 
accounted for by four single bonds. However, resonance between the 
homopolar and eight ionic structures of the type 
+O=O 
b—0- 

may occur and thereby increase the heat of formation. The molecule is 
unstable, however, since the entropy of the O, molecule is less than twice 
the entropy of an O, molecule. 

The energy of the N—N bond may be obtained from the heat of for- 
mation of hydrazine, H,N—NHg, if the energy of each of the four N—H 
bonds is assumed to be one third of the heat of formation of ammonia, 
249 kcals. The value obtained is 22 + 2kcals. This is a particularly low 
value, especially in view of the fact that the energy of the N, molecule is 
of the order of 170 kcals and hence the energy of the single bond 1s much 
less than one third of the energy of the triple bond. There are, however, 
other data which confirm indirectly the low value of the energy of the 
N—N bond. First, although the elements phosphorus and arsenic give the 
stable molecules P, and As, formed by o bonds, the corresponding molecule 
N, has never been observed. Evidently in this case, the transfer of 7 bonds 
to o bonds is unfavourable from energy considerations. Secondly, the nitric 
oxide molecule shows little tendency to dimerise to the molecule N,O,. 
The heat of formation of NO is 122 kcals and 1f we assume that the energy 
of the N=O bond is 108 kcals as in organic molecules, it follows that the 
three electron bond contributes 14 kcals to the energy of the NO molecule. 
In the formation of the dimer O=N—N=O, the energy of two three 
electron bonds is lost and that of one N—N bond is gained. Since the 
heat of this reaction is close to zero it follows that the energy of the N—N 
bond is of the order of 28 kcals, a value which, although approximate, 
satisfactorily confirms the previously obtained low value. Finally, the 
energy of bonds between nitrogen and other atoms is relatively small ; 
thus Ey_q = 38 kcals and Eo_y, notwithstanding the resonance with 
lonic states, is only 53 kcals. 

In molecules forming single and multiple bonds, a parallelism is found 
to exist between the decrease of the internuclear distance and the in- 
crease of bond energy on converting a single into a double or triple bond. 
Thus, where there is a large increase in the bond energy on increasing the 
multiplicity of the bond, there occurs also a marked decrease of the inter- 
nuclear distance. The variation of bond distance with bond multiplicity 
is shown in Table CXX. 

The heats of formation of the oxides of ae ee 
nitrogen are given in Table-CXXI. The 7406 Ad. Kaito of internuctear 
itious oxide Soleil is linear, with the OEE ane Maple Bane 


| 
oxygen atom at one end of the molecule and double | | ish 


is generally represented as a resonance hybrid p,,4 | Bond 

of the two structures Tsingle Tsingle 
N-=Nt=O N=N+t—O- —— 7 | : 

The contribution of these forms to the ae se: on 0:73 

resonance of the molecule must be about gg es CO ie 

equal as nitrous oxide has an almost zero dipole SeSe | 0:93 CC | 0-78 

moment, and it is therefore not possible to | PP! 0°85 
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Table CXXI. Heats of Formation 


regard either of these formulae as a basis 
of Nitrogen Oxides 


for the computation of bond energies. 


Heat of | Heat of Pauling* has suggested that in nitrogen 
Molecule \ formation | Molecule formation dioxide resonance occurs between the 
keals | keals | tWO Structures : 
ny O 
NO | 28 | N,O, 462 y, s O 
NO | 122 | NO, | (248) a ie 
NO, 194 || NO, | (247) N. N 
N,O,; , 325 | HNO; 344 NG N 
N,O, | 401 | | O O 
: | the dotted line -*:: representing a 


three electron bond. Ifthe bond energies of N—O is taken as 61 kcals, 
of N=O as 108 kcals and the three electron bond as 14 kcals, we obtain 
the value 183 kcals for the calculated heat of formation, compared with the 
observed value of 194 kcals. The difference of 11 kcals represents the 
resonance energy. Although this resonance stabilizes the molecule, it is 
insufficient to prevent dimerization to N,O,. The structure of this mole- 
cule has not been established, but x-ray diffraction measurements suggest 
that the atoms are arranged in the following manner : 


O O 
N N 
O O 


For such a configuration it would appear that the arrangement of bonds 
would be 


\ No 
N—N 
7 \ 0 \ 
0” No 0% O 
I IT 
Structure J is unsatisfactory’, due to the adjacent positive charges, a 
view which is upheld by an attempt to calculate the heat of formation. 
The energy of two nitro groups, including resonance energy, lies between 
338 and 372kcals; therefore since the measured heat of formation is 
401 kcals the energy of the bond N+—Nt+ cannot be less than 29 kcals, 
but since the energy of the normal uncharged N—N bond is of this order 
of magnitude, the bond energy being considered must be less, since there 
is considerable electrostatic repulsion. Thus a calculation of the bond energy 
of the structure J, with the inclusion of the resonance energy, will fall below 
the observed value. In structure // containing pentavalent nitrogen 
atoms, the energy of excitation of nitrogen atoms to the pentavalent state 
(2572p —> 2529335) is so great that it is most improbable that the molecule 
would have an energy of 401 kcals. An alternative structure not in agree- 
ment with x-ray data would appear to be 
O- N=O 
\ ye 
Nt—O 
Vi 
O 
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and the calculated value of the heat of formation assuming the molecule 
to consist of one nitro group, two N—O bonds and one N=O bond, lies 
between 399 and 416 kcals in agreement with the observed value. 
Nitric acid has the structure : 
H O 
a 0 
O—N+ 
. 
O- 

and if it be regarded as the combination of a hydroxyl group and a nitro 
group, we obtain the value 234 kcals as the heat of formation of the nitrate 
ion. This ion will have the structure : 


in which, through resonance, all the oxygen atoms are identical. The 
following structures are possible for N,O,; 


For the purpose of estimating the heat of combustion, structure / may be 
regarded as being composed of two 


Va 
O—N+ 
\ 
O- 

groups. This gives a heat formation of the order of 475 kcals in agreement 
with the observed value. This structure J is also supported by the dipole 
moment data. The formula J/, involving pentavalent nitrogen, is regarded 
as improbable owing to the high excitation energy of the valency state. In 
the decomposition of nitrogen pentoxide, it has been suggested that the 
molecule NO, is formed as an intermediate product. This molecule is a 
free radical and most probably may be represented by six valence bond 
structures of the type 
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For the dissociation energy of S—O, Herzberg! assigns the value 
92 kcals ; from the heats of formation of SO, we find the average value 
of the SO bond is 122 keals and from SO3, 109 kcals. These values are in 
agreement with the multiplicity of the SO bonds, since in the sulphur 
dioxide molecule, each bond possesses one half double bond character 
owing to the resonance between the structures O=S+t—-O- and O-—S+=O 
and in sulphur trioxide the bonds possess one third double bond character 
owing to the resonance between three structures of the type 


O 


Vi 
O-—S?t 
\ 
O- 
The electrostatic interaction is greater in SO, although the excitation 
energy of sulphur to the tetravalent, doubly charged, positive state is 
greater than that to the trivalent, positively charged state. 

If in the molecule $,Cl,, the energy of the S—S bond is taken as 52 kcals, 
each S—CI bond has an energy of 61 kcals. Such an apportionment of 
the energy of the molecule is only approximate since in addition to the 
normal homopolar structure Cl—S—S—C1], the ionic forms : 

-C] S=St—Cl and Cl—St=S Cl- 

will contribute to the molecular resonance. The heat of formation of 
SOC], is 214 keals, of SO,Cl,, 316 kcals and of S,O,Cl,, 615 kcals. With 
these molecules, owing to the great variety of resonance structures, it Is 

not possible to apportion particular energy values to individual bonds. 
Table CNX. Bond Energies for Hydvid nae vant ia of ein in- 
aoe . 0 neretes for rlyariaes VO vin h rogen MH and 
: sia eal at the Ralogen: (MHal) be 


| l l obtained by dividing the 


ae ce | ened eae | en ee 
Energy |; Energy t Energy h f : f 
Bond. | kcal Bee | wee Beck: Ihe eats of formation of the 
cl files cle fees [Bond a. molecules MH, and MHal, 
SiH 75 BBr 77 PC) 75 by x. The values obtained 
NH | 83 |} AICI | gt | PBr 61 are given in Table CXXII. 
PH 75 SiF 143 PI 44 : 
AsH 56 SiC] 85 AsCl 69 The values for the energies of 
the Si—O and Si=O bonds, 
Sa Bi ah 69 | ea 53 which are also given in Table 
I 1 51 | S 34 : 
SeH 6s Gecl |: see SbCl CXXII are obtained in the 
TeH 51 | SnCl 77 OF 59 former case from the heat of 
| formation of silica (SiOQ,),, in 
per to | a 105 et 49 which each silicon atom is 
J 9 1 5 
BF iss |) NF bo | ae Bo seas ge ray oe ge 
BC] 96 ee eee NCI 38 | Si=O2) usr. SNE IR ne fetter: tLOM). “ule 


heat of formation of gaseous 
(molecular) SiO,. 

An examination of the data given in Table CXXIJ shows that there is a 
steady decrease in the energy of the MH bond as a periodic group Is 
descended. This behaviour is probably associated with the repulsion of 
filled electronic shells and a decrease in the contribution of the ionic state. 
The bonds of the elements of the sixth group with hydrogen are more 
stable than those of the fifth group since the ionic structures M~H? will 
be present in oxygen and its analogues to a greater extent than in nitrogen. 
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From the values for the bonds involving halogen, no generalization can 
be made. On descending a periodic group there will occur an increase 
both of the repulsion due to the electronic shells, and resonance involving 
the ionic state M+Cl-. It would appear that these two opposing factors 
more or less cancel each other. 

The energies of the bonds in polyhalogen compounds MHal,, do not 
correspond in the majority of cases, with the dissociation of the corre- 
sponding sub-halogen, MHal. Unfortunately, the relevant experimental data 
are neither complete nor accurate and it 1s hardly possible therefore on the 
basis of the existing data to make any generalizations. It may be pointed 
out, however, that in a number of instances the observed data are in 
agreement with ideas developed in Chapter 2 for the excitation of valency 
states. For example, with mercury and beryllium, the energy of formation 
of the molecules M{Hal is less than that for the second stage of the reaction 
MHal + Hal > MHal, : 


Be +Cl=BeCl J4H=—99kcals BeCl +Cl=BeCl, 4JH= —116 kcals 


Hg+Cl=HgCl 4H=—27kcals HgCl+Cl=HgCl, JH= — 52 kcals 
Hg+Br=HgBr 4H=—2dkcals HgBr+Br=HgBr, JH= — 45 kcals 
Hg+I =Hgl 4H=—llkcals Hgl +I =Hgl, JH= — 35kcals 


Ca+F =CaF 4H=—29kcals CaF +F =CaF, 4H= (—285 kcals) 


Mercury and beryllium in the ground state have no unpaired electrons 
and for the formation of a chemical bond it is necessary to unpair the two 
s electrons and excite one to a f state. This excitation is necessary before 
bonding can occur. Thus the energy of the reaction Hg + Cl = HgCl 
does not indicate the energy of the Hg—Cl bond, but that bond energy 
reduced by the electronic excitation energy. In the formation of the 
second bond, the bonding electron is already unpaired and the correct 
bond energy is liberated as the heat of reaction. In the case of boron and 
aluminum on the other hand, the energy of the first stage is greater than 
that of the middle stage in the formation of BHal, and AlHal,. The 
energies of the first stage are : AIC], 110 kcals, BBr, ror kcals, BCI, 117 kcals 
and for the middle stage g1 kcals, 77 kcals and 16 kcals respectively. The 
electronic configuration of these atoms are s2 and hence the first bond is 
formed by the unpaired p electron whereas, in the second stage an s electron 
has to be excited to the p state and the heat of reaction is equal to the bond 
energy less the excitation energy. Similarly in PCl,, the energy of each 
P—Cl bond is 75 kcals, for the reaction PCl, + 2Cl = PCI, the heat of 
reaction is only 78 kcals, i.e. 39 kcals for each bond. In phosphorus the 
electronic configuration is 5263 so that in the formation of PC}, all the 
unpaired electrons are used and the formation of further bonds will require 
an additional expenditure of energy to transfer the atoms to the new 
valency state. 


REFERENCES 


1 HERZBERG, G. Chem. Rev. 20 (1937) 145 

* Gaypon, A. G. and PENNEY, W. G. Proc. roy. Soc. A 183 (1945) 374 
$ Prrser, K.S. F. chem. Phys. 5 (1937) 473 

‘Pauinec, L. C. The Nature of the Chemical Bond Cornell, 1939 

8 ZeELinsky, N. and PawLow, G. Ber. dtsch. chem. Ges. 57 (1924) 1066 
*Taytor, H.S. 7. Amer. chem. Soc. 60 (1938) 627 


261 


12 
INTERMOLECULAR ATTRACTION 


VAN DER WAAL’S FORCES 


THE FORCES of attraction between molecules are responsible for the 
changes in the physical state of substances which occur when the tempera- 
ture or pressure is changed. Since the molecules do not fall into one 
another, there must also exist forces of repulsion which will be operative at 
short intermolecular distances in contrast to the attractive forces which 
exert their influence over comparatively long distances. In gases the 
forces of attraction are responsible for the divergence of behaviour from 
that predicted by the perfect gas equation PV = RT. In liquids the 
forces of attraction play a considerable part in determining the physical 
behaviour, and the magnitude of these forces may be obtained from the 
heat of evaporation of liquids. If 1 gm mol of a liquid is evaporated at 
constant pressure, an amount of work P(V,,,our — Vitguia)) 18 Obtained. If 
this quantity is subtracted from the latent heat of evaporation A, we obtain 
a value for the energy spent in overcoming the attractive forces between 
the molecules. A comparison of such values for different substances must 
be made at corresponding states, and it is general to assume that the boiling 
point of the liquid fulfils this condition since it is, for many substances, 
0-64 of the critical temperature. The term Pi. = Vigua) May then be 
replaced by AT without great loss of accuracy. Some values of the 
intermolecular attraction energy for different compounds are shown in 
Table CXXIII and it is seen that the values vary over a wide range, but in 


every case are very much lower than the energy value normally associated 
with a chemical bond. In 


Table CXXHI. Heats of Evaporation solids, which consist of an 
ordered array of molecules, 
Subst | Boiling point re Lee Boiling ppemt A\—RT 
rat: acini kals the energy of attraction 
Helen: <4 4°2 0013 Ammonia oe 239°6 498 may be obtained from the 
yy rogen . = O°21 Prop ionic act 327°4 2 ° : 
Nitrogen . 1:21 Ethyl alcohol 351°4 8°74 heat of sublimation in a 
_— similar way to that de- 
Oxy gen go'l | 1°46 || Water os 373'1 8-90 ad tare li a 
Krypton . | 119°9 | 192 || Antitne 457 959 scribed for liquids. 
vasluis ee es Many substances are 


known to associate in the 
gaseous or the liquid phase or in solution and in certain cases pairs of 
molecules or higher associated groups are known to exist. The nature of 
the forces of attraction which cause this molecular association is electrical 
in origin, and is due ultimately to the fact that matter is composed of 
positively charged nuclei and negatively charged electrons. For polar 
molecules it is necessary to distinguish between two types of electrostatic 
interaction, dipole-dipole and dipole-induced dipole. When molecules 
possess a permanent dipole moment, the oppositely charged portions of the 
molecules are attracted to each other and the portions with like charge 
repelled. ‘The resulting force between the molecules, whether it be attractive 
or repellant, depends on the mutual orientation of the molecules and if all 
configurations were equally probable the repulsion would compensate the 
attraction and no association would occur. However, the distribution law 
favours those orientations leading to attraction, since when the positive 
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end of one dipole is attracted towards the negative end of the other, the 
molecules are drawn together and the energy of attraction increases. On the 
other hand when the ends of like charge approach, the repulsion increases 
and the molecules are repelled. Attraction therefore prevails over repulsion. 

Molecular association will be opposed by thermal agitation and thus a 
high degree of association only exists at very low temperatures ; at high 
temperatures all orientations will tend to become equally probable. This 
behaviour is analogous to the orientation of a molecular dipole in an external 
field, since in the present instance we are considering the orientation of a 
molecule in the field due to the surrounding polar molecules. 

The induced dipole interaction is due to the polarization of one molecule 
by the dipole of a second molecule, or more generally by the field due to 
the surrounding polar molecules. The induced polarization is superimposed 
on the dipole-dipole association and since it will have the effect of increasing 
the dipole moment of the molecule, the attraction energy is increased. This 
effect is reciprocal, each dipolar molecule polarizing the other. 

The average energy of dipole-dipole interaction (see Chapter 18) 
is given by 

2 p' 

3 PkKT 
where p is the dipole moment, r the distance between the centres of the 
dipoles, k Boltzmann’s constant and TJ the absolute temperature. This 
equation may be applied at fairly high temperatures and only when the 
distance between the dipoles is considerably greater than the length of the 
dipole. The energy of attraction due to the induced dipoles is given by 


Ee = sa2( 12.1) 


Be. = — 2u72a/r6 ecee (12.2) 


where a is the polarizability. We thus see that on the basis of classical 
electrostatics it is possible to develop a theory which will account for the 
two types of intermolecular interaction of polar molecules. 

In order to account for the attraction between non-polar =——*+——= 
molecules on the basis of the electrostatic theory, it is neces- 
sary to regard the molecule as a quadrupole, which may be 


pictured as a molecule with two identical dipoles directed ~ 7 
in opposite directions. The quadrupole may be either linear 
or rectangular as depicted in Figure 39. Such a treatment 
may be applied not only to molecules such as GO,, which 
consist of two identical polar bonds pointing in opposite — ae 
directions, but also to homopolar molecules such as Hg. It is ae coe mela 


possible to calculate the field due to the quadrupole and to “quadrupoles 
consider, in a way similar to that described above, two types 
of interaction, mutual orientation of the quadrupoles and polarization of one 
molecule in the field of another. The calculation shows that the field due 
to the quadrupole decreases more rapidly with the distance from the mole- 
cule than does the field due to the dipole. The attractive force is thus a 
short range force which rapidly falls to zero as the distance from the molecule 
is increased. 

A value for the quadrupole moment of the hydrogen molecule may be 
obtained by the methods of wave mechanics, but it is found to give too low 
a value for the van der Waal’s energy. Furthermore, the quadrupole 
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treatment would also appear unsatisfactory when applied to the atoms of 
the inert gases, which have electron clouds possessing spherical symmetry. 
Nevertheless, the inert gases interact with each other in a similar manner 
to other substances, as shown by their physical behaviour. Evidently, 
quadrupole interaction, although occurring in certain cases is not a general 
phenomenon and may be regarded as being supplementary to the interaction 
of permanent dipoles. However, experimental data show that even with 
polar molecules, another attractive force in addition to those produced by 
the dipoles is operative. This fact is illustrated by the data given in 
Table CXXIV. The heats of sublimation of the hydrogen halides increases in 
the order HCl, HBr, HI, whereas the dipole moment and therefore the 
dipole-dipole interaction decreases in the same order. Although the 
polarizability increases 


Table CXXIV. Heats of Sublimation of Hydrogen Halides in this order. the in- 
b] 


_ i Dipole | Polarizabili — duced dipole interaction 
wstance dDelween tpole oltarizaoulily ea ’ 1 2 
Molecule | molecules tn moment | (cc X 1074) | sublimation . gb it . Pe h, : 
solid state A D keals an the square of the 
| | | dipolemomentdecreases 
HCl 3:89 107 2°63 5°05 more rapidly than the 
or ee ah a 25; polarizability increases. 


We must therefore con- 
clude that electrostatic 
theory does not account for a force which cause’ interaction between all 
molecules both polar and non-polar. 

An alternative and more acceptable theory of intermolecular forces was 
developed by Lonpon by quantum mechanical methods. We shall illustrate 
the basis of this theory by considering the interaction of two atoms of 
hydrogen when they are sufficiently far apart so that no electron exchange 
occurs ?.e. at a ‘van der Waal’s distance’ of 3 to 4 A. Each atom possesses 
no dipole moment, since owing to the spherical symmetry of the electron 
cloud, it is equally probable for the electron to be found on any side of the 
nucleus. This, however, only means that the average dipole moment, 
taken over a period of time, is zero. At any given instant, the nucleus and 
the electron are located at a certain distance from each other in a particular 
configuration relative to an arbitrary set of coordinates. Thus each atom 
always has a momentary dipole moment and such momentary dipoles 
interact one with another in the same way as permanent dipoles. Although 
we have considered the particular case 


of the hydrogen atom, the same ideas = +— 7 \ P 
may be applied toany atom or molecule. aaa — IT 

According to the relative orientation ae ae ib b 
of the momentary dipoles, either attrac- —-+ — II 
tion, Figure goa, or repulsion, Figure gob, Figure 4o. Dipolar interaction, a attraction 
may occur. A gain in energy of the b repulsion 


system leading to attraction will occur 

if the motion of the electrons in adjacent molecules is synchronized, for 
example, moving from the first to the second position in Figure goa and then 
back again. The position of the electron in the atom is not fixed even at the 
absolute zero, and this random movement of the electrons will tend to oppose 
the effect of synchronization, having the same effect as thermal energy on 
the orientation of permanent dipoles. 
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The momentary dipoles set up a field which polarizes the adjacent 
molecules or atoms and the induced moments tend to keep in phase with 
the oscillation of the original dipoles. Calculation for the ideal case of the 
interaction of two harmonic oscillators leads to the following expression for 
the energy of interaction (see Chapter 18). 

| 3a hy (12 
reg gM aes (1233) 


where vp is the frequency and a the polarizability. This equation may be 
applied to any atom or molecule and we find that the interaction of tem- 
purary dipoles always leads to an attraction energy which is independent of 
the presence of a permanent dipole. The energy, represented in equation 
12.3 is generally referred to as the dispersion energy. A more detailed 
treatment shows that that term Av in the expression 12.3 may be replaced 
by the ionization potential without significant error. Ionization potentials 
are known for a number of molecules and in Table CXXV the data of 
SuGpEN, WALsH and Price! and of STEVENSON and Hippie? are sum- 
marized. It is seen that the ionization potentials of molecules do not 
vary over wide limits and for an approximate evaluation of the dispersion 
energy a value of 230 kcals may be used ; thus the magnitude of the 
dispersion energy is mainly determined by the polarizability of the different 
molecules. 


Table CXXV. Ionization Potentials of Molecules 
| 


| 
Tontzation |; Ionization Ionization 
Molecule potential | Molecule potential Molecule potential 

keals keals kcals 
H,O 289 NH, 249 CH=C—C=CH 247 
CH,OH 249 CH,NH, 226 CH,—CHCI 229 
C,H,OH 247 (CH,),NH 221 CHCI=CHCI cis 221 
C,H,OH 247 (CH,),N 217 CHCI=CHCI trans 228 
(CH,),O 242 HCHO 250 C,H, 212 
(C,H;),0 235 CH,CHO 235 C,H,C,H; Igl 
H,S 240 (CH;),CO 233 C,H;CH, 202 
C,H,;SH 224 CH,=CHCHO 232 C,H,(CH;), 1g! 
(CH;),5 217 CH,CH=CHCHO|- 235, (CH,),C=CH;, 204 
(C,H;).S 214 CH,CH,CH, 258 CH,C=CH 259 
(n-C,H,)S 212 CH,CH=CH, 225 


An important difference between dispersion forces, on the one hand and 
dipole and induced dipole forces on the other, lies in their additive properties. 
Let us consider first induced dipole 


forces. Let the dipole AB (Figure 41) A B C D E 
polarize the molecule located at C. If ae ee 
on the other side of C and at an equal a = zs + 


distance from C, there is located a Figure 41. Cancellation of induced moments 
second dipole DE with a momentacting 

in the opposite direction, it will polarize the molecule C to an equal extent, 
but in the opposite direction to that induced by dipole AB, and the molecule 
C will not be polarized. Thus we may conclude generally that the polariza- 
tion of a molecule due to one dipole may be weakened or neutralized, if the 
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fields due to other dipoles are superimposed on that of the original dipole. 
The same conclusion applies to dipole-dipole interaction ; if two dipoles 
are so arranged that they are attracted towards a third dipole they will be 
prevented from occupying positions which are most favourable to their 
own mutual interaction. Thus, in liquids and solids, as a result of the 
ordered arrangement of molecules, dipole-dipole and induced dipole forces 
may be compensated to a considerable extent. 

The dispersion forces, however, possess different properties. As LONDON? 
has pointed out, ifseveral molecules interact simultaneously with one another, 
each molecule will introduce into the other molecules a series of coordinated 
periodic dipoles, which are in phase with the exciting dipoles. Each molecule 
thus produces a number of induced periodic dipoles each of which is 
always oriented so that it is attracted to the corresponding inducing molecule. 
The resulting simultaneous interaction of several molecules leads to the 
additive superposition of the forces of attraction of individual pairs of 
molecules. Thus, for example, if we have three molecules, the dispersion 


energy will be 
E=E£,, + E45 + Eos oo e+ (12.4) 


where Ej., Ej, and E,, represent respectively the interaction energies of 
the pairs of molecules 1 and 2, 1 and 3, and 2 and 3. 

The van der Waal’s forces are generally considered as the combination 
of the three individual attractions described above. The average attraction 
energy between two molecules will therefore be 


_ 1 21 1"He” 2 2 3 ViVo 
E=— ( SkT T py" O, 1 Mey + ghayaa i | 


gseie( E25) 
where pz, 1s the dipole moment, a, the polarizability and v, the frequency 
of the first molecule and p., a, and v, the corresponding quantities for the 
second molecule. The first term in the bracket represents the dipole-dipole 
interaction, the second and third terms the induced dipole interaction and 
the fourth term the dispersion interaction. 

In equations 12.1, 12.2, 12.3 and 12.5 the energy of interaction is found 
to be proportional to 1/r§. This arises from the fact that the interaction is 
between dipoles, either permanent or induced, and the field F due to a 
dipole is proportional to 1/r’. Since the energy of interaction is aF?/2, we 
see that it will be proportional to 1/r*. In order to obtain the force of inter- 
action, the energy must be differentiated with respect to the distance r and 
hence is proportional to 1/r’. 

In addition to a dipole, a molecule may possess a constant or periodic 
quadrupole or moment of higher order. The equation 12.5 obtained above 


Table CXXVI. Relative Contributions of Dipole, Induced Dipole eh not include all pe 
and Dispersion Effects in van der Waal’s Forces sible energy terms an 
is only the first term of 


an infinite series. For 
~ example, the energies of 

the dipole-quadrupole 
or quadrupole-quadru- 
pole interactions are 
proportional respective- 
ly to 1/r8 and 1/r!® and 


Dipole | Induced 
Substance | associa-| dipole | Dister- 
fton 
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hence at large distances make an insignificant contribution to the interac- 
tion energy. 

The relative contribution of the various interactions in the van der Waal’s 
forces are given for a series of substances in Jable CXXVIJ._ As pointed out 
above, the dispersion energy is present in every case and only makes a rela- 
tively small contribution in strongly polar molecules in which dipole-dipole 
association prevails. The variation of the dipole-dipole interaction energy 
is very great, being zero in non-polar molecules but increasing to 77 per cent 
for water owing to the fact that it is proportional to u*. Although the values 
of the dipole moments of methy] and ethyl alcohol are almost identical, the 
polarizability of ethyl alcohol is greater and the dispersion energy 1s corre- 
spondingly increased. 

In the van der Waal’s equation of state for real gases, the interaction 
energy of the molecules is represented by the term a. The interaction of 
the molecules produces the so-called ‘inner pressure’ given by the term 
a/V*. The work done in overcoming this attraction will be 


ae a 
)pdv= V .... (12.6) 


and consequently a/V is a measure of the energy required to overcome the 
forces of intermolecular attraction. The quantity 6 in the van der Waal’s 
equation is related to the volume of the molecules. The introduction of this 
quantity, by regarding the molecules as rigid spheres, takes into account 
the repulsion of the melecules. Measurement of these rigid spheres gives 
the so-called van der Waal’s diameter of the molecuie. 

The forces of interaction between molecules are fundamental in deter- 
mining the physical properties of liquids. Although, at the present time, 
there exists no comprehensive theory of the liquid state it is possible, never- 
theless, to observe some quantitative relationships. For example, the 
boiling point rises as the number of carbon atoms increase in an homologous 
series. This behaviour will be related to the increase of the polarizability 
as the molecule increases in size which will cause an increase of the dis- 
persion forces. If we consider molecules of approximately the same 
polarizability but with different dipole moments, as with the strongly polar 
RNO, and the much less polar esters of nitrous acid RONO, then it 1s 
found that the former boil at a much higher temperature (Table CXXVII). 
In the case of the nitriles = Table CXXVII. Influence of Dipole Moment ov Boiling Point 
and isonitriles, the dipole 


. | P 1 us 
mom . Dipole : Dipole | Difference 
oments are approxi- | oat in | Botling | moment in |Boiling 


mately the same and _ Substance | selalten bent Substance solute fos "po 
there are correspond- ——— |——— ene seine 

ingly smaller differences GHNQ | 3:17 | 102 || GENO! 220 | a7 |) “ee 

in the boiling points. As G:H:NO.; = — 126 || C5H;,ONO| = 2°28 57 69 

the hydrocarbon chain CH,CN 3°51 81-5 |} CH;NC — 60 21°5 
is increased in length, &4éN | 327 8 | Gane wali: ae 


however, the relative 
contribution of the dispersion forces is increased and the differences in the 
boiling points of corresponding members of the two series of compounds 
become less. 

In the gaseous phase, polar molecules may be oriented without hindrance 
by an external field and experiment shows that this is also so in dilute 
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non-polar solutions. In a polar liquid, however, each molecule is closely 
surrounded by neighbouring dipoles which make rotation impossible in an 
external field. It is therefore necessary to consider the inner field due to 
the polar molecules of the liquid ; the direction and size of this field will 
be dependent on the momentary orientation and arrangement of the 
neighbouring molecules. As a result, the total polarization of the liquid, 
t.e. (e — 1)M/(e + 2)d, may be less than in the gaseous phase. Thus for 
example in the case of CH,I, polarization in the gas phase is 77 cc and in the 
liquid 42 cc ; in CH;COCHs the figures are respectively 176 and 63 cc and 


in C.H;OCH; 62 and 52 cc. In the gas phase the orientation polarization 
will be 


4, p? 
37 BET 
and in a pure polar liquid the effective orientation polarization will be 
__ EWgnta 1M 
fel aD q — (Pet Pa) tae (¥2.7) 


where éygua is the dielectric constant of the pure liquid and P, and P, are 
the electron and atom polarizations. A number of attempts (DEBYE‘, 
ONSAGER®, PIEKARA® and Kirkwoop’) have been made to obtain a relation 
between the effective and ideal (i.e. gas) orientation polarization and 
Syrkin® has proposed the following relationship : 
(€ugasa— 1) : M_ (Pz + P,) 
a gs Gertie ee (12.8) 
3 3kT 1 a) eee - 


or 


(ae 2 »... (12.9) 


Table CXXVIHTI. Dipole Moments Calculated from Dielectric Constants of Pure Liquids 


Duelectric Dipole moment D 
Molecule Density constant of | Refractivity |————_ —_—__|________ 
liquid ce Calculated from Measured in 
D equation 12°8 | non-polar solvent 
CH,I! 2-286 71 19:26 1°40 1°37 
C,H,Br 1°43 9°5 IQ‘II 1°99 2°01 
CH,COCl 1°1051 159 16-31 2°59 2°68 
HCOOC,H, 0°92 8:27 17°71 1°94 1°92 
CH,COOCH, 0:9338 7°03 18-1 1°74 1°78 
C,H,CN 0-783 27°7 15°88 3°45 3°87 
C,H,NO, 1°207 34°09 32°72 4°28 3°96 
C,H,CH, 08659 2°39 30°81 04 0-4 
C,H,OCH, 0°994 4°41 33°0 1°29 1°23 
C,H,N 1-093 90 39°5 2:18 2°19 
a-C,,H,Br 1-4868 5°17 51°32 1°47 1°52 
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By means of equation 12.8 it is possible to obtain the dipole moment from 
measurements of the density, refractive index and dielectric constant of the 
pure liquid. In Table CX XVII the application of this formula is illustrated 
by comparing the values of dipole moments employing equation 12.8 and 
the experimental values determined in non-polar solvents. The agreement 
is good in most cases, but with strongly associated molecules containing 
intermolecular hydrogen bonds, formula 12.8 is not applicable since it 
gives values which are too high (e.g. 3 D instead of 1-84 D for water). 


MOLECULAR COMPOUNDS INVOLVING VAN DER WAAL’S FORCES 


The action of van der Waal’s forces between molecules brings about the 
formation of a number of molecular compounds from molecules in saturated 
valency states. For example, the inert gases form molecular compounds 
with water (hexahydrates), phenol and cresol®, the association being due 
to dipole-induced dipole forces and to dispersion forces. More stable 
molecular compounds are formed, however, between organic nitro com- 
pounds and aromatic hydrocarbons. The nitro group is strongly polar and 
the double bonds of aromatic hydrocarbons possess a high polarizability. 
Thus conditions are very favourable for dipole-induced dipole interaction. 
Dispersion forces will only play a small part as hydrocarbons do not generally 
form molecular compounds with each other. The structure of the association 
compound will be such that the nitro group is as close as possible to the 
polarized double bonds. This will generally result in the two molecules 
lying side by side and hence the dipole, which is induced into the hydro- 
carbon, will be in the opposite direction to the original dipole. The 
resulting moment of the molecular compound is therefore less than that of 
the original dipolar molecule. This behaviour is illustrated by the fact 
that the moment of nitrobenzene, 4:22 D, is reduced, when measured in 
naphthalene solution to 3:73 D and the molecular compound?® of m-dinitro- 
benzene, » = 3:79 D, with naphthalene, has a dipole moment of 3-43 D, 
measured in benzene solution. 

The heat of formation of molecular compounds of this type depends upon 
the number and configuration of the nitro groups in the molecule. In the 
case of the dinitrobenzenes the most stable compounds are formed by the 
ortho derivative and the least stable by the para derivative. In order to 
Table CXXIX. Heats of Formation of Molecular Compounds illustrate the order of neeee 

between Trinitrobenzene and Hydrocarbons tude of the heats of formation 
of molecular compounds, the 


ities Pian eee Tn of values for the compounds of 
ryarocaraon ormation tyaracaroon ormatwn syucce ° . 
keals keals | ttinitrobenzene with a num 


a ber «oof unsaturated hydro- 

Benzene 06 Sea aarraseae 21 carbons are given in Table 

Naphthalene 3°4 iphenylbutadiene 29 CXXIX. Asis to be ex 

Phenanthrene 4:0 Diphenylhexatriene 2°4 the heat of ha 

Anthracene 4°43 3°6 || Phenylacetylene 06 : ; ae 

Styrene 1-8 || Diphenylacetylene 207 ~«-creases with the polarizability 
of the hydrocarbon. 


MOLECULAR COMPOUNDS INVOLVING CHEMICAL BONDS 


In addition to the molecular compounds which we have so far discussed 
and in which the dipole moment of one of the molecules is the primary 
factor in causing the association, intermolecular compounds exist in which, 
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in addition to the purely physical van der Waal’s forces, chemical forces 
play a part by the formation of additional valency bonds. The inorganic 
halogen derivatives form two distinct classes of compounds with organic 
substances depending upon whether they form an ionic or molecular crystal 
lattice. In the former type, the organic molecules surround the central ion, 
by which they are polarized, whilst the halogen ions are displaced from their 
original positions, the interionic distance being increased. This type of 
compound is similar to those discussed in the previous section, the only 
difference being that the forces of attraction involved are ion-induced dipole 
forces in place of dipole-induced dipole forces. With the halogen compounds 
of boron, aluminium and tin, which form molecular and not ionic crystal 
lattices, association compounds involving chemical bonds are formed. 
Several of these compounds have been extensively studied. According to 
the data of LAUBENGAYER and Fintay!! the heat of formation of gaseous 
BF,-(CH;),O from gaseous BF, and (CH,),O is 13:9 kcals, and VAN DER 
MEULEN and HELLER!” have shown that the heat of formation of BF, °C,H,N 
is 51 kcals. Electron diffraction data!? show that in BF,°(CH,),O, the 
B—O distance is 1-52 A and the configuration of the dimethy] ether molecule 
remains unchanged. The B—F distance however is increased from 1-30 A 
in BF, to 1-41 A. Thus we may conclude that the actual energy of the B—O 
bond is greater than 13-9 kcals, since the deformation of the molecule and 
the lengthening of the B—F bond distance will be endothermic processes. 


Table CXXX. Dipole Moments of Molecular Compounds and their Organic Components 


Dipole Moment D Dipole Moment D 
Molecular —_—— Molecular a 
Compound Organic Compound Molecular | Organic 
Compound | Molecule Compound | Molecule 
BeCl,~2(C,H;),O 1°18 AICl,:/-CIC ,H,NO, 7°79 2°78 
BeBr,°2(C,H;),O 1-18 AICI,-o-NO,C,H,CH, 8-92 3°7 
AICl,--NO,C,H,CH; 9°68 4°4 
BF,:(CH;),.O 1:29 | AIBrs-(C,H,;),O 6-43 1°18 
BF,°C,H,OCH, — AIBr,;-C,H,NO, Q'IZ 4°00 
BF,:(C,H;),O 1°18 AlBr,°H,S 5°14 0°93 
BCl,:(C,H;).O 1°18 
BC],:CH,CN 3°94 || TiCl,-C,H,CN 6-05 4°05 
BCI,-C,H,CN 4°05 TiCl,-C,H,CN 6-16 ; 7:06 | 4°39 
AIC),°(C.H;),O 1°18 
AIC),-C,H,NH, 1°37 SnCl,°(C,Hs),O0 3°60 ri8 
AIC],:C,sH,;NO, 4:00 || SnCl,-2(CH,),CO 77 2°95 
AICl1,:C,H,OCH, 1°35 SnCl,:2C,H;COCH;, 8-7 2°96 
AICI, (C,H;),CO 3°13 SnCl,-2C,H,CHO 755 B13 3°00 
AICI,-o-NO,C,H,Cl 4°59 | SnCl,:C,H;CN 6-55 4°39 


The dipole moments of various non-ionic molecular compounds are given 
in Table CXXX and in each case the moment of the compound is greater 
than that of the organic molecule from which it is formed. Furthermore, 
the moment is also greater than that obtained for the inorganic compound 
when dissolved in an organic solvent: AlI, and AICI, in benzene have 
moments of 2:5 D and 5 D respectively!4 and for BC], and AIC], in dioxane 
the values 4:86 D and 2-02 D have been obtained}5. Although dipole-dipole 
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and dispersion forces will undoubtedly play some part in the formation of 
such compounds, in view of the magnitude of the bond energies and of the 
dipole moments they cannot be the only bonding forces and must be regarded 
as supplementary to the valency forces. The boron atom may acquire an 
electron and thus become negatively charged and tetravalent, thereby being 
able to form four homopolar bonds. If in the associating organic molecule 
there exists an atom such as oxygen or nitrogen, which can increase its 
valency by the loss of an electron, the formation of a chemical bond is 
possible. The compound between BF, and (CH3),O evidently involves a 
bond between a tetravalent, positive boron atom and a trivalent, negative 
oxygen atom and the structure J will contribute to the resonance of the 
molecule. 


F CH, 
Hy 
F—B-—O*+ 
vA a 
F CH, 
I 


This structure is strongly polar and evidently explains the large dipole 
moment of the compound. It has been suggested that the large dipole 
moments of this type of compound may be due to the deformation of the 
BF, molecule to a pyramid structure. Although this configuration of 
the bonds does occur in the B+ ion in which the four bonds are tetrahedral, 
the value of the moment could not be due to the BF bond without assuming 
the completely ionic structure B?+3F-, which is improbable. From the 
experimental value for the dipole moment of BF,°(CH3).O, vz 4:35 D, it is 
possible to calculate by vector addition the contribution of the B—O bond 
to the moment of the molecule. The value obtained is 2:1 D, which is much 
lower than the calculated value for the moment of a unit positive and a 
unit negative charge separated by a distance of 1-52 A, viz 7-4.D. There 
must therefore be a superposition of structure J with the van der Waal’s 
structure IJ, 


F CH, 
/ 
) on» ne O 
va \ 
F CH, 
II 


thus giving to the molecule the observed stability and dipole moment. 
It is very probable that in addition to the structure J the ionic structure 
ITI may contribute to the resonance of the molecule. 


Vi 
F——_-B——-Ot+ (three structures) 
Va 
F CH, 
Il 
271 


THE STRUCTURE OF MOLECULES 


Such structures will certainly be present in the molecular compounds of 
titanium and tin e.g. 


cl- cl. CH, 


Or (four structures) 


a 
Cl Cl ‘CH, 


and their existence is substantiated by the fact that on substituting a chlorine 
atom by methyl radical, as in SnCl,(CH,) or B(CH;),, the tendency to 
form molecular compounds decreases. 

Molecular compounds of BF, with (C,H;),O and (1so-C,H,),O are some- 
what less stable than those formed with (CH,),O. This has been explained 
on the basis of steric hindrance caused by the CH, groups:!6 


F.Bee-O | 
: \cH,—CH, 


The compound between aluminium chloride and ammonia, AICI, -NH3, 
is remarkably stable and may be distilled without decomposition at 400° C. 
The energy of the Al—N bond in AICI,°-NH,, AlBr,-NH, and AII,°-NH, 
have been found to be 40, 38 and go kcals respectively!’. Evidently reson- 
ance exists between the following valence bond structures 


Cl H Cl H+ 
ae fe \ 
Cl—Al*+—N-—H C]—Al-—N—H 
Vi aS / \ 
Cl H Cl H 
one structure three structures 
Cl- H+ Cl- H 
/ 
Cl—AI—N—H Cl—A]—N+—H 
Jp / \ 
Cl H Cl H 
nine Structures three structures 


Analogous structures will contribute to the resonance of AICI,°H,S, 
PH, °CuHal and PH; °AlHal,. In the complexes formed between aluminium 
chloride and unsaturated hydrocarbons, valence bond structures are possible 
in which the aluminium becomes negatively charged with respect to a 
carbon atom, 1.e. 

Cl 


\ 
Cl—Al-—CH,—*CH, 


Cl 
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which will resonate with both the alternative ionic structures : 
Cl- 
Cl—AI—CH,—tCH, 
Cl 


three structures 
and that involving van der Waal’s forces : 


Cl 

\ 
Cl—AlI-:----CH,=CH, 
Cl 


THE HYDROGEN BOND 


The term hydrogen bond has been introduced to cover a type of molecular 
interaction of considerable significance, the qualitative effects of which 
have been extensively observed. 

The interaction generally occurs 

between a hydrogen atom, TableCXXXI. Lengths of Some Hydrogen Bonds 
chemically linked to one mole- 
cule and an O, S, N, Cl or F 


atom in a different or in the Hydrogen Bond| Bond qnstt Substance 
same molecule. The latter case, 
where the bonding is intra- QO—H----O 2-76 Ts 
molecular, will be discussed in 2°70 Ou 
the next section and we shall eee _ o-C,H (OH), 
confine ourselves here to inter- a-71 tots | f (COOH): 
molecular bonding, which may 2°76 HCOOH). 

e ° e ° ° 2°73 
arise in the solid, liquid or a6 (CH,COOH), 
gaseous states to produce mole- 2°55, NaHCO, 
cular association. Some values 2-78 HIO, 
of the bond distance of hydrogen 2:63 CO(NHj)s°H:03 
bondsare givenin Table CXXXI. p_y....F | 2-25 +02 | KHF, 

Most of the characteristic 2-51 +02 | NaHF, 
properties of the hydrogen bond —_ 
may be illustrated by a con- ae aed tee See 
sideration of the dimer of formic 
acid which has been studied by N—H----O | 2:98; 3:03 | CO(NH;), 
electron diffraction methods}§. 2°76 ; 2°88 | NH,CH,COOH 

: ‘ : ; 2°85 Diketopiperazine 

The dimeric form, which is 
dissociated only to the extent N—-H-:--F 2-63 NH,F 
of 7 per cent in the gaseous 21° Nees 
phase at 3° C has the following 0_p....o 2-76 CH,(COOD), 


structure 
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O—H:----O ca 
y 
H—G oe Cc’ —H 
\ / <1:36 A> 
O42 H=6 


<— 2:73 A—> 


The hydrogen of the hydroxyl group is located between the oxygen atom to 
which it was originally joined by a covalent bond, and the carbonyl oxygen 
of the second molecule. The atom of hydrogen has only one unpaired 
electron and consequently can participate in only one covalent bond. 
Therefore we shall have to consider bonding mechanisms other than the 
homopolar bond to account for the formation of the hydrogen bond. 

In the hydroxyl and carbonyl bonds, in addition to the homopolar 
structures —O—H and > C=O, the ionic states —O-~H+t and > Ct+—O- 
contribute to the bond resonance. When the bonds are located adjacently, 
as in the dimer of formic acid, the contributions of the ionic structures will 
be increased owing to the mutual induction of the two groups. The additional 
electrostatic attraction energy, between the positively charged hydrogen 
atom and the negatively charged oxygen atorn of the carbonyl group 
produced thereby, will increase the stability of the molecule. The dimer 
may therefore be regarded as a resonance hybrid of the structures J to V of 
which J and JJ are ionic, [JJ and IV homopolar and V a charged homopolar 


structure : 
O- H+ O- O H—O 
Je \ 0 x 
H—C* CH H—C Ct—H 
\ Vi \ 7 
O—-H O O- Ht O- 
I It 
O H—O O-H O 
H ‘ 
H—C C—H H—C C—H 
\ Vi \ fe 
O—H O O H—O 
I IV 
O+—H a 
Ho” CH 
S Ve 
O- H—Ot 
V 


The resonance in the carboxyl group between the homopolar and charged 
structures VJ and VII will assist in the formation of the hydrogen 


O O- 

4 =e 
‘on Not 
VI VII 
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bond, as it increases the negative charge on the carbonyl oxygen atom 
and also increases the ionic character of the O—H bond since, in structure 
VII, the positive charge on the oxygen atom of the hydroxyl group will, 
most probably, be transferred to the hydrogen atom. 

The nature of the forces responsible for the hydrogen bond are still not 
completely understood. However, it is now considered! that the forces 
are largely van der Waal’s forces on which valency forces are superimposed, 
thereby strengthening the bond. The main evidence on which this con- 
clusion is based is the fact that the X—H bond distance is not appreciably 
increased when the hydrogen atom takes part in a hydrogen bond. Thus 
in the case of the dimer of formic acid, Davies and SurHERLAND?® have 
found that the O—H bond distance is 1-04 A, compared with the value of 
0-98 A in the monomer, and since the O—H.:----O distance is 2°73 A it 
follows that the H------O bond distance is 1-69 A, which is a much greater 
value than the covalent bond distance. Thus we see that hydrogen forms 
an almost normal homopolar bond with one oxygen atom and that the bond 
to the other oxygen atom is due very largely to van der Waal’s forces. The 
ma.n contributions to the molecular resonance in formic acid will thus be 
from structures J, JJ and IJ]. 

The suggestion which has sometimes been put forward, that the hydrogen 
atom is not localized but is spread out in the form of a proton cloud, in a 
similar manner to the single electron in the hydrogen molecule ion, appears 
most improbable in view of the much greater mass of the proton and the 
fact that similar bonds occur in deuterium compounds. 

The heats of dimerization of formic, acetic and benzoic acids have been 
determined and are 14:1, 16:4 and 8-7 kcals respectively. Since in each case 
two hydrogen bonds are formed, we obtain the values 7-05, 8-2 and 4°35 kcals 
for the energy of a hydrogen bond. The magnitude of these values is much 
lower than for a homopolar bond and these figures therefore confirm that 
the bond is produced largely by forces of the van der Waal’s type. 

As will be clear from an examination of the structures J, /J and V for 
formic acid on page 274, the dipole moment is reduced considerably on 
dimer formation, since the moments of the two molecules will compensate 
each other. 

The frequency of the valency vibration of the O—H bond in molecules 
containing this group, lies in the neighbourhood of 3,500 cm~? and the first 
overtone at 7,000cm~!, The N—H bond gives a similar absorption bond 
at 6,850 cm-}, In compounds, however, where the O—H or the N—H 
groups are involved in strong hydrogen bond formation it is found that 
radiation is not absorbed at these characteristic frequencies and instead of 
a sharp peak, the spectra of these substances show only a broad diffuse band 
in these regions. This effect has now been observed for so many substances 
giving hydrogen bonds, that it may be regarded as a criterion of hydrogen 
bond formation. 

In gaseous hydrogen fluoride, long chain or cyclic polymeric molecules, 
(HF), are formed, the energy of the intermolecular bond being between 
4 and 7 kcals. The formation of these polymers is due to hydrogen bond 
formation between fluorine atoms. In molecular hydrogen fluoride, in 
addition to the homopolar structure H—F there is a considerable con- 
tribution of the ionic form H+F- and if the two fluorine atoms are located 
side by side this contribution is increased owing to the mutual induction 
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produced by the configuration H+F-H+tF-. Further stability may be 
given to the structure if a covalent bond occurs between the atoms of 
hydrogen and fluorine of different molecules. The polymer may thus be 
represented as a resonance hybrid of the structures 
H—F H—F Ht+F-HtF- H F—H F 
I IT rae 

The distance between two atoms of fluorine is 2-26 A and in the isolated 
hydrogen fluoride molecule the HF bond distance is 0-92 A, thus making 
the H---F bond approximately 1-34 A in length. In the hydrogen bond it 
is characteristic that the hydrogen atom is bound to not more than two 
atoms, although structures in which the hydrogen is bound to more than 
two atoms are not theoretically impossible. Pauling considers that this is due 
mainly to steric effects, so that in hydrogen fluoride, for example, one 
proton is surrounded by two large negative ions which prevent a third 
negative ion approaching sufficiently close to produce bonding. 

The tendency for atoms to take part in hydrogen bond formation decreases 
in the order F, O, N, Cl and S. This sequence follows the decrease in 
electronegativity of the atoms and hence of the ionic character of the X—H 
bond. There is some indication that bromine and iodine take part in 
hydrogen bond formation, but as is to be expected these are very weak in 
character. 

In Chapter 6 it was shown that in the compound (CH,),O°HCI, the 
structure 

CH, H 
a 
O 
—_ 
CH, Cl 


involving tetravalent oxygen was clearly incorrect. A recent examination?! 
of the equilibrium between (CH3),O0 and HCl between 260° and 303° K 
shows that the heat of reaction is 6-7 kcals and the energy of activation very 
small. Evidently this compound is brought about by the formation 


CH, 


of a hydrogen bond in which the van der Waal’s forces are augmented by 
the superposition of the oxonium structure : 


CH, 
\ 
O+—H Cl- 


CH, 

The energies of hydrogen bonds between oxygen and nitrogen are given 
in Table CXXXII. There is some evidence for the existence of hydrogen 
bonds involving the C—H group. Although such bonds will be very 
weak, they may be responsible for the formation of molecular com- 
pounds between chloroform and acetone, (CH,),CO---HCCI, and ether, 
(CH,),O---HCCl,. 
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Association in solutton— It has been known Table CXXXIL. Heats of Formation 
for a long time that certain substances in % ager Reukaincel Containing 
solution associate to form dimers or higher ATES Eero) 
polymers, the first systematic work on this 


: . ; Heat of 
subject being that of BECKMANN and | VON Molecular Compound | formation 
Auwers**. More recently a_ considerable keals 
amount of data has been accumulated using ——————_———— 
the cryoscopic method which has shown that Cee j ae 
the most important cause of molecular associa- * luidinewo “see ctheal a:6 
tion between organic compounds in solution Toluidine-p—chlorophenol 4°2 


is intermolecular hydrogen bonding?? The 

important groupings are again found to be 

those between H and O, N and S. Thus ethyl alcohol is associated in 
solution, whereas diethyl] ether is not. 

The nature of the solvent determines to a large extent whether a solute 
is associated in solution or not and this behaviour is closely related to the 
solubility of the solute. Compounds possessing an intermolecular hydrogen 
bonded structure will preserve that structure only in aprotic solvents such 
as benzene and the solubility is generally less than with similar compounds 
or isomers in which the hydrogen bonded structure is lacking. In polar 
solvents, which can take part in hydrogen bond formation, however, the 
intermolecular hydrogen bond may be destroyed in favour of a hydrogen 
bonded structure between the solute and the solvent, with the result that 
the solubility is increased. For example, benzoic acid and phenol dissolve 
in benzene, chloroform, carbon tetrachloride and other aprotic solvents to 
form an associated complex, whereas in solvents of the type CH,C,H,X, 
the association decreases in the series 

xX = CH,, Cl, Br, I, NO,, GOOR, CN, CHO, NH,, COOH, OH 
and in acetone, ethyl ether, ethyl alcohol, acetic acid and ethyl acetate 
solution, no association occurs owing to the preferential formation of 
hydrogen bonds between solute and solvent molecules, e.g. 


7 
C 


\ i 
O—H::-O=C 
\ 
R 

This behaviour may also be illustrated by the case of formanilide, 
C,H;NHCOH, which dissolves in toluene to form polymers produced by 
intermolecular hydrogen bonding ; the addition of pyridine considerably 
reduces the degree of polymerization owing to the formation of hydrogen 


bonds between the formanilide and pyridine : 
O H 
NH 
C 


| _H..-N® 
aa, 


VW, 
27 
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In addition to solubility and cryoscopic studies, the association of solute 
molecules may be investigated by the variation of the dielectric constant 
with concentration. If the solution is non-polar, the value of the dipole 
moment calculated from the value of the dielectric constant at infinite 
dilution, obtained by extrapolation, may be close to the value obtained in 
the gaseous phase. If this be so, there are no anomalous solvent effects, but 
cases exist where this is not so and such behaviour may be explained by 
two theories. The first assumes that association of solute molecules persists 
at low concentrations and may be illustrated with reference to the curious 
variation of polarization of ethyl alcohol in hexane solution. As the con- 
centration is increased, the polarization falls, passes through a minimum, 
rises to a Maximum value and then falls to the value for the polarization of 
pure ethyl alcohol. In dilute solution the molecules are evidently associated 
in such a way that the dipole moment is decreased, this may occur through 
the formation of quadrupoles by means of hydrogen bonds, vz 


R—O...-H 


HOR 


On increasing the concentration, larger complexes will be formed and this 
can only occur by the formation of linear polymers of the type : 


R R R 


ee eee 


in which the O—H bond moment is increased through mutual induction. 
At high temperatures, the formation of such complexes will be opposed by 
thermal agitation and the variation of polarization with concentration is 
very slight. 

In the second theory the formation of intermolecular complexes is not 
assumed and the variation of the dipole moment with concentration is 
considered to be caused by the limited orientation of the dipole molecules 
in the external field, due to the field of the surrounding polar molecules. 

The dioxan effect — For the measurement of dipole moments in solution 


Table CXXXIII. Dipole Moments of Organic it is usual, for reasons which have been 


Compounds in Benzene and Dioxan Solution Aiscussed above, to use non-polar sol- 
——_—— vents. However, this is not always 


Dipole Moment D practicable since, as we have already 


Molecule ———__-—_——— pointed out, solubility is to a large 
In benzene | In dioxan extent dependent on_ solute-solvent 

Nisobentene ei ree interaction and in inert solvents such 
Trimethylamine oxide | 5-04 50g ‘interaction is considerably reduced and 
Aniline __ 1°54 1-77. the solubility thereby restricted. For 
b-Nitraniline 6-17 6-81 this reason dioxan, 
B-Naphthylamine 1°79 2°10 CH »—CH, 
Fluorene 0°53 0°65 
Triphenylmethane 0°20 0°46 O O 
Pyrrole 2°2 3°2 \ 
4—-Methylglyoxaline 48 6-2 CH,—CH, 
Pyrazole 1° 2°2 
anal 6 31 has been used as a solvent for the 


measurement of dipole moments. The 
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bond moments of the two ether linkages are largely compensated and it has 
only a small dipole moment: 0-4 D. It is to be expected that the oxygen 
atoms will form hydrogen bonds with X—H groups in the solute molecule 
and this will lead to an increase in the ionic character of the X—H bond 
and hence to an increase in the dipole moment of the solute molecule. In 
Table CXXXIII the dipole moments measured in benzene and dioxan 
solution are given for a number of substances. In the case of nitrobenzene 
and trimethylamine oxide, the moment in the two solvents is practically 
the same since the only bonds of the X—H type, are the C—H bonds, 
which are not sufficiently polar to take part in hydrogen bond formation. 
In the case of aniline, the dipole moment in dioxan solution is greater by 
0-23 D than in benzene solution on account of the structures : 


H _‘CH,—CH, 
\ 7 ‘ 

n= 70 O 

Ort > 
wate H  CH,—CH 
two structures \ 4 ft \ 

- nO 

NN \ vA 
H  CH,—CH; 


two structures 


Sour structures 


In p-nitraniline the effect is still greater owing to the additional possible 
structure : 


O- H CH,—CH, 


An example in which the effect is most marked is a—oxypyridine for which 
the moment in dioxan is greater than that in benzene by 1-6 D. This will 
be due to the large contribution to the resonance of the molecule from the 
structures : 


\ 
Ou H  CH,—CH ( J H. cH,-oH, 
N oe < N~\Q \ x 
O- Or O O Ot 
Nou,—cH” \ou,—cH” 


Effect of hydrogen bonds on the properties of liquids— The effect of hydrogen 
bonded structures is to produce certain anomalies in the physical properties of 
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liquids. Thus, for example, in the series H,Te, H,Se, H,S, the boiling points 
and the heats of evaporation are lowered and it might therefore be expected 
that the next member of the series HO would boil at a lower temperature 
than H,S, whereas in fact it boils at a temperature 160° higher. The same 
behaviour is noticed in the hydrides of the fifth group elements, where NH, 
boils at a higher temperature than PH, and in the seventh group elements 
where the boiling point of HCl (— 85° C) is only slightly less than that of 
HBr (— 69° C) and HF boils at 19° C. Normal behaviour is only found to 
occur in the fourth group where the boiling point increases in the series 
CH,, SiH,, GeH,. The cause of this behaviour is that the molecules HF, 
H,O, NH, and HCl form association complexes by means of hydrogen 
bonds. In the isoelectronic series CH,, NH3, H,O and HF, methane, in 
which there is no association, has the lowest boiling point (— 112°C) ; 
ammonia has a higher boiling point (— 33° C) since a nitrogen atom of one 
molecule forms a weak hydrogen bond with the hydrogen atom of a neigh- 
bouring molecule. The boiling point of water is considerably higher owing 
to the formation of two hydrogen bonds by one oxygen atom to two neigh- 
bouring water molecules, thus : 


a ae H 
Ieee i No 
O O 


7 4 
Nee 


These hydrogen bonds are more stable than those formed by nitrogen. In 
HF, as we have seen, each atom of fluorine gives only one stable hydrogen 
bond and as a result the boiling point is lower than that of water. Thus it 
is essential, when considering the effect of hydrogen bonds, to take into 
account both the stability and the number of hydrogen bonds formed. 

In the series of compounds CH,CH,, CH,NH,, CH,OH and CH,fF, 
ethane (— 88° C) and methyl fluoride (— 78° C), where hydrogen bonding 
is absent, have the lowest boiling points and methyl alcohol has the highest 
boiling point (+ 65° C). This behaviour was originally considered in terms 
of an anomalous Trouton’s constant, A/T, where A is the latent heat of 
evaporation per gm mol and T is the boiling point, which in the associated 
liquids is always greater than the normal value given by Trouton’s law : 
A/T = 21 cals/degree/gm mol. This law, stated in another way, indicates 
that the entropy change on evaporation is a constant. The fact that on 
transformation from the gaseous state (ideal state, with no association) to 
the liquid state, the entropy change is greater in the associated liquid than 
in the non-associated liquid, means that the associated liquid has the lower 
absolute entropy and is, therefore, the more ordered state. The reason 
for this ordered state is now apparent since hydrogen bonding will tend to 
produce an ordered array of hydrogen bonded molecules. 

The mutual solubility of liquids is also conditioned by the extent of inter- 
molecular action. Although ideally the mixing of liquids is a natural 
process accompanied by an increase in entropy, in real systems the heat of 
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mixing may be positive or negative, as it is dependent on three different 
quantities, the energies of attraction of like molecules in the two original 
liquids and the energy of attraction of the two unlike molecules in the mixture. 
The empirical rule that similar substances are mutually soluble is found 
to hold generally. Thus hydrocarbons dissolve other hydrocarbons. If one 
liquid is polar and the other is not, mixing will occur only if the polar 
molecule has a large non-polar section capable of dispersion interaction 
with the first, e.g. nitrobenzene and benzene. If both substances are capable 
of forming hydrogen bonds, e.g. water and the short chain alcohols, solution 
will occur. If the chain length of the alcohol is increased, the OH groups 
of the alcohol are screened by the hydrocarbon chain and the extent of 
hydrogen bond formation with water molecules is correspondingly decreased. 
In addition, there is little dispersion interaction between the water molecules 
and the hydrocarbon chain and hence as a result of the combination of all 
these effects, the solubility of the higher alcohols in water is small. Similar 
behaviour occurs with the ketones and the ethers. In the latter case the 
screening of the polar group is particularly effective even in relatively short 
chain compounds, such as diethyl ether 


H H H H 
\ 7 S77 
SENG AN 
we a C H 
ey. 
H HH H 


When liquids of similar chemical structure and polarity are mixed, there 
is generally little change in volume, only small deviations from Raoult’s law 
and very small heats of solution. This behaviour occurs on mixing methyl 
and ethyl alcohols, methyl and ethyl acetates etc. If however, the substances 
interact strongly, as occurs, for example with acetone and chloroform where 
hydrogen bonding occurs, there is generally observed a decrease in volume, 
a lowering of vapour pressure compared with that predicted by Raoult’s 
law and a positive heat of solution. These results will be due to the energy 
of interaction of the unlike molecules being greater than the sum cf the 
energies of interaction 
a eprages ipanin Table CXXXIV. Deviations from Ideal Behaviour in Liquid Mixtures 


polar and a non-polar. —————————____—_—_ 


liquid the reverse effect Mixture AV Ap AH 
is observed and there is percent | percent | kcals 


an increase in volume, 


i ; C,H,—(C,H;),0 — 06 Oo O 
an increase in the vapour cu OH, CICH,Cl rare o «| tor 
pressure compared with Gq,OH—C,H,OH +005 | — 08 | — 0-09 
that predicted by CH,cCOOCH,— 
Raoult’s law and a nega- C,H,COOCH, | +008; +1 | + 0°21 

i i CS,—CH,OH +13 | + 22 + 3°! 
tive heat of solution. 74> ak 6 ces 
C,H,—CH,OH + 69 4 
Examplesofthedifferent ¢f COCH,—CS, +14 | +59 | +50 
kinds of behaviour are CH,COCH,—CHCI, —o2 |—22 | — 5°56 


given in TableCXXXIV. 
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INTRAMOLECULAR HYDROGEN BONDS 


The physical properties of a number of ortho-di-substituted derivatives of 
benzene show a marked difference from those of the corresponding meta— and 
para— isomers. This effect was first noticed by von AuwErs and PFIEFFER 
for the nitrophenols and hydroxybenzaldehydes. o-Nitrophenol melts at 

5° C which is much lower than the melting point of either m-nitrophenol 
(96° C) or of p-nitrophenol (113° C), is less soluble in water than the m- 
and f-isomers, does not give addition compounds with tripheny] chloro- 
methane unlike most compounds containing an hydrexyl group, and in 
solution it does not associate, in contrast to the m— and p-—isomers. These 
properties may all be explained if an intramolecular hydrogen bond is 
considered to exist between one oxygen atom of the nitro group and the 
oxygen atom of the hydroxy] group, thus, 


and similarly for o-~hydroxybenzaldehyde 


H O 
\Z 
C 


H 
6 
VA 


These substances have subsequently been shown not to absorb radiation 
in the 7,000 cm™! region, which is a characteristic frequency of the valency 
vibration of the OH bond, thus confirming the hydrogen bonded structure. 

The formation of intramolecular hydrogen bonds, sometimes referred to 
as chelation, occurs in a very large number of organic compounds and only 
a few of the more important examples may be referred to here™. “In 
2—nitroresorcinol both oxygen atoms of the nitro group take part in 
hydrogen bond formation with the hydroxy] groups : 


6 “y. 
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and similar ring formations are possible, whenever groups such as —N=O, 
—CONH,, —COCH,; are in the ortho-position to a hydroxyl group. 

Salicylic acid is as strong an acid as o—chlorobenzoic acid, in spite of the 
acid weakening resonance of the hydroxyl group and is much stronger than 
the o— and p-isomers**. This increase of acid strength is due to the partial 
neutralization of the carboxylate ion by the proton from the hydroxyl 
group and the resulting increase in the stability of the ion by the contribu- 
tion to the molecular resonance of the structure : 


f 
— 
° 

oa 


The increase in acid strength due to hydrogen bonding of this type is even 
more marked in 2, 6—dihydroxybenzoic acid (K, = 5 x 107?) in which the 
stability of the ion is increased by the contribution of the structures : 


oO] O- O 
VS". w\f 
H CH H C 
| | | | 
O O O 


Ww OY 


to the molecular resonance. 

It is important to appreciate the difference between the hydrogen bonding 
occurring in salicyclic acid, which leads to an increase of acid strength and 
that existing in o-rnitrophenol which leads to a decrease in the acid strength 
of the hydroxyl group. In the first case, the proton of the primary acid 
group (COOH) does not take part in the hydrogen bond and it is the ion 
that is stabilized, whereas in the second case, the hydrogen atom of the acid 
group (OH) is involved in the hydrogen bond formation and the acid 
strength is decreased, because of the increased stability of the acid. 

When dissolved in benzene or carbon tetrachloride, salicylic acid forms 
a dimer and the infra red spectrum shows no absorption at the normal OH 
frequencies. The structure of the dimer must therefore be 
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yO 


H 
O 
“\7 
H ¢C 


He | 
‘ e 


A en 
hot 


in which the hydrogen atoms both of the hydroxyl and the carbonyl groups 
take part in hydrogen bond formation. 
Intramolecular hydrogen bond formation may also occur in a carboxy] 


group : 


O 
o”. 
—C H 
SF 
O 


Such bonding, although sufficient to partially inhibit the free rotation of 
the hydroxyl group, is very weak on account of the long O ---- H distance. 
Therefore wherever possible intermolecular hydrogen bonds are formed 
where the O---H bond is shorter and the resulting structure more stable. 

Acetoacetic ester can exist in both the keto and enol tautomeric forms 
and it might be expected that the enol form would have a higher boiling 
point and would dissolve more readily in water, than the keto form. This 
is not the case, however, and the enol form has the lower boiling point and 
dissolves in water approximately twenty times less readily than the keto 
form. This behaviour is explained by the formation of a hydrogen bond in 
the enol form as in structure J, 
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which is probably stabilized by resonance with structure JI, 


NF 
Cc 
| 
OR 
II 
Similar structures occur in the case of acetylacetone (J/I and IV) 
H,C CH CH; H,CG CH CH, 
Neh SZ NA Ne 
C C C C 
| 
ere ae 
II IV 


which exhibits anomalous behaviour of the same type. 
Hydrogen bonds may also occur with nitrogen-containing compounds 
such as the oxime formed from aniline and salicylaldehyde (V and V/) 


CH CH OH 
‘\ N —C,H; \ N a 
/ / 

O O 

V VI 


The formation of such hydrogen bonds, permits a distinction to be made 
between the cis and trans forms of compounds such as V/J 


VII 


For example, two oximes of o-oxybenzophenol VIII are known : 
H 


vig 


and the infra-red spectra of the acetyl derivatives shows that the character- 
istic hydroxy] frequencies are absent for one of the isomers. This must be 
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the trans form LX, in which the formation of a hydrogen bond is possible 


H-.N_OCOCH, 


ome 
IX 
since such bonding is impossible in the cis form X : 


H,COCO 
H 


% N 
i é 
xX 
From a consideration of the above examples it is possible to define the 
conditions favouring the formation of an intramolecular hydrogen bond as 
follows : 
1 The configuration of the atoms in the molecule must be such that the 
hydrogen atom can be situated between two electronegative atoms. 
2 The distance of the hydrogen atom from the adjacent electronegative 


atoms must lie within certain limits. Thus in o-oxybenzonitrile, there is no 
hydrogen bond in spite of the fact that the hydroxyl group is adjacent to 


the nitrogen atom : O 
om 
H 
C 
\ 


N 


The reason for this is that the nitrile group is linear and the H---N distance 
is about 3°5 A, which is too great for hydrogen bond formation. 

3 The o-positions of a planar six-membered ring are most favourable for 
hydrogen bond formation and the molecular resonance involving the ring 
will generally stabilize the hydrogen bond. 


INTERNAL ROTATION 


The various forces which we have hitherto only regarded as producing 
interaction between different molecules viz, dipole-dipole, dipole-induced 
dipole and dispersion forces, and the repulsion between non-bonding 
electrons, may also produce interaction between the non-bonded groups of 
the same molecule. Such interaction will determine the extent of the 
freedom of rotation of various groups in the molecule and factors, such as 


286 


INTERMOLECULAR ATTRACTION 


the dipole moment, which are dependent on the average configuration of 
the molecule, may therefore serve as an indication of this interaction. 

Van’T Horr postulated free rotation round a single bond in order to 
explain the lack of cis and trans isomers in molecules of the type of di- 
chlorethane. In the light of the quantum mechanical theory of the chemical 
bond, the free rotation is explained by the axial symmetry of the o bond 
between the two carbon atoms. Thus the o bond is not in itself a hindrance 
to free rotation, but as the rotation occurs the relative configurations of the 
atoms will be changed, so that the distances between the non-bonded atoms 
and consequently their energies of interaction will alter. 


! 


e » 
Figure 42. Cis-configura- Figure 43.  Trans- 
tion of ethane configuration of ethane 


In the ethane molecule, it is possible to conceive various configurations 
of the two methyl! groups with respect to each other. In one limiting con- 
figuration (cis) the hydrogen atoms of one methy] group are situated directly 
above the atoms of hydrogen of the other (Figure 42). As one of the methyl 
groups is rotated with respect to the other, the distance between the atoms 
of hydrogen changes and after rotation through an angle of 60° from the 
original cis configuration, the érans configuration is obtained (Figure 43). 
On further rotation, a similar series of configurations are obtained, but in 
the reverse order until at an angle of 120° to the original structure, the cts 
configuration is again obtained. Different distances between the hydrogen 
atoms and hence different interaction energies, characterize the different 
configurations. 

Of the infinite number of configurations obtained during the rotation, 
one will be the most favourable and this particular configuration will be 
adopted by all the molecules at absolute zero. At higher temperatures, 
however, the molecule may, by the absorption of energy, exist in con- 
figurations other than that corresponding to a minimum potential energy. 
The probability of the different configurations will be determined by 
the exponential term of the Maxwell- 
Boltzmann distribution law, wiz 


> 275 

exp (— E/kT), where E is the energy ¢ 

and Tis the absolute temperature. A ~ 

rotation of 60° will take the mole- & 

cule from the most probable con- &§ 

figuration, with minimum potential O° 60° 120° 180° 240" JOO" 560° 
energy, to the most improbable con- GOs MeO HBO! ze AO OOO OL 
figuration with maximum potential Angle of Rototion 

energy. The form of the potential = Figure 44. Change of potential energy 
energy curve for ethane is given in with internal rotation for ethane 
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Figure 44, where the most favourable positions are separated from one 
another by an energy barrier, which must be surmounted if rotation is 


to occur. 


If the height of the energy barrier is £, then in accordance 


with the rate equation in unit time there will be approximately 


transfers across the barrier. 


Table CXXXV._ Energies of Activation of Internal Rotation 


Molecule 


CH, 7 CH, 
CH,- CH, * CH, 
CH,CH,CH,CH, 


(CH,),CHCH, 


CH,-CH:CH, 
CH,CH,CH:CH, 
(CH,).C:CH, 


CH,CH:CHCH, 
CH,C:CCH, 


CH,OH 


CH,CH,OH 
(CH,),CHOH 


CH,COCH, 
(CH;),0 
(CH3)3S 


sNH, 
(CH,).NH 
CH,Cl-CH,Cl 


CH,Br-CH,Br 
CH,Cl-CH,Br 
CH,CN-CH,CN 
Si,H, 


B,H, 
Si(CH,), 


h 


(AT exp (—E)kT | 


Thus the presence of internal rotation is 
determined by the height of the potential energy barrier. The experimental 
data obtained by as many methods as possible (spectroscopic, dipole moment, 
electron diffraction and thermodynamic) show that internal rotation Is very 


About Single Bonds 
Bond Energy of | Literature 
about which | activation| reference 
rotation occurs keals 
C—C 2°75 26 
CH,—CH, | 3:3 27 
CH,—CH, 3°4 28 
CH,—CH, 3°8 28 
CH,—CH 3°8 28 
CH,—C 4°2 28 
“G—C 2°7 29 
Cc—C 3°45 30 
cH—cH {|<°® her, 31, 32 
CH,—CH, 3°4 28 
CH,—CH |<o8 28 
CH,—C 18 28 
CH,—CH |<o8 28 
CH,;—C <0'5 33 
> 2°5 34 
ee 1°34 35 
CH,;—O 3:4 36 
6-4 37 
CH,—CH, 3°0 38 
CH,—CH 3°4 38 
CH—OH 6-0 38 
CH,—C 1°25 38 
ae 2°5 39 
CH,—O { A 39 
CH,;—S 2°0 41 
CH,—N 1°5 42 
CH,;—N 3°5 43 
Cc—C >5'0 44 
Cc—C >5'0 44 
C—C >5°0 44 
C—C 1'2 45 
Si—Si Oo 46 
B—B 4°0—6:0 47 
Si—C 1°3 48 


largely restricted in the 
molecules which have been 
studied. For a number of 
different molecules the 
magnitude of the potential 
energy barriers is given in 
Table CXXXV. It should 
be pointed out, however 
that the majority of these 
values must be regarded 
as approximate since accu- 
rate determinations are, as 
yet, not possible. Never- 
theless all the values for 
the energy of rotation of 
the C—C bond in 
saturated hydrocarbons 
are of the order of 3 kcals. 
In ethane the value is 
2:75 kcals and we shall 
first consider the reason for 
this rather unexpectedly 
high value. The obvious 
explanation of the hin- 
dered rotation is the repul- 
sion of the non-bonded 
electrons of the hydrogen 
atoms of the two methyl 
groups. In the trans con- 
figuration the distance be- 
tween the hydrogen atoms 
is at a maximum, there 
being six H—H distances 
of 247A and three of 
3:07 A. If the configura- 
tion is,in fact, determined 
by the repulsion forces 
between the hydrogen 
atoms, then this structure, 
in which this repulsion 
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will be a minimum, is the most probable. In the cis position where there are 
three H—H distances of 2:27 A and six of 2-89 A, the energy of repulsion 
will be a maximum, and Eyrinc has shown that on the basis of this theory 
the magnitude of the energy barrier is only the order of 0-3 kcals. Clearly, 
therefore, this theory is not able to explain the high value for the height of 
the energy barrier obtained experimentally and Gorin, WALTER and 
Eyrinc*® have put forward the suggestion that the hindered rotation is 
due to resonance in the ethane molecule between the structures : 


H H H H 


Ne Nw ow 
H—C—C—H and H—C=C—H 


eS 
H H EY wiessaioanes H 


In this case the cis configuration will be the most probable, since in the 
trans form, the resonance energy will be less. 

Certain tentative conclusions may be drawn from the data given in 
Table CXXXV._ In unsaturated compounds, the rotation in a single bond 
adjacent to a double bond is less restricted than in saturated compounds. 
This behaviour cannot be satisfactorily explained on the basis of the theory 
of Gorin, Walter and Eyring. PiTzer’s data suggest that the height of the 
energy barrier is greatest in the non-linear hydrocarbons, the energy in. 
creasing in the order CH,CH,CH,CH;, (CH,),CHCH,, (CH;),C. The 
energy barrier decreases with an increase of distance between the interacting 
groups, é.g. the energy barrier is much lower in Si(CH3), than in C(CH,), 
and in Si,H, the rotation is almost completely unrestricted. 

In dichlorethane, CIH,C—CH,Cl, various configurations may also exist. 
In the first limiting case (cis), the two chlorine atoms are arranged above 
each other, with the distance between them at a minimum. On revolution 
of one —CH,Cl group through 180°, a second limiting position is obtained 
(trans) in which the distance between the chlorine atoms is a maximum. 
These two configurations may be represented diagrammatically in the 
following manner : 


Cl Cl 
v-S-N 7 
fr \ / 
Cl 
I ets Il trans 


In addition to these configurations, two other forms are possible in which 
the angle of revolution of the —-CH,ClI group from the cis configuration is 
60° (LIf). 
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Cl 
a 7 Cc 
\ / 
It 
two structures 


In this molecule the most important factor in determining the repulsion of 
the non-bonded atoms will be the repulsion of the two negatively charged 
chlorine atoms. It is therefore to be expected that that position possessing 
minimum potential energy will be the ¢rans configuration and electron 
diffraction data? is in agreement with this conclusion. The variation of 
the potential energy with rotation shown in Figure 45, has been calculated 
assuming that the ¢rans configuration is the most stable and that the probability 
of deviation from this position is determined by the Maxwell-Boltzmann 
law. The cis configuration, since it possesses maximum potential energy, 
cannot exist as a stable isomer. 


Energy 
Energy 


cs trons c/s #--=-/80° 
Argle of Rotation Angle of Rotation 
Figure 45. Potential energy Figure 46. Potential energy 
curve for internal rotation of curve for internal rotation of 
dichlorethane ethylene derivatives 


The dipole moment of the érans form of dichlorethane will be zero, 
whereas configurations obtained during revolution will have finite moments. 
Since the probability of configurations other than fans will increase with 


se ; temperature the dipole 

Table CXXXVI. — Temperature Variation of Dipole Moment of : 
the Di-sutstituted Derivatives of Ethane moment must also in- 
crease. This prediction 


NCCH;°CH.CN jis in agreement with 
| pigek the experimental data 
T°C | moment as shown in Table 
|____'____ CXXXVI. The Raman 


lj 
QWH,C :CH,Cl 1 CIH,C-CH,Br | 


BrH,C:CH,Br 


’ 

2 ria! 66 10g | 66 0:94 |! —go 2°9 : 

8 | 124 | 95 | ria 95 | 099 || —60 376 «© spectrum of dichlor- 
7 112 || 132 | 120, 132 | 103 || —30 3:36 ~=ethane contains, in addi- 
14 140 ' #163) «28. 163 110 || 0 3°54 ‘ ; >. 

; | | | tion to lines which may 
eae SS aca ew Eg 336 «be ascribed to the frans 
az fo rg8 - -~ | = | = | 9 | 39° form, additional fre- 
a7 1°54 — — — — ! — = 

| | i j 


quencies, disappearing 
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at low temperatures, which correspond to a second isomer having the 
configuration //I. If these data are correct, the potential energy curve 
(Figure 45) must show shallow minima corresponding to the isomer formed 
by rotation through 120° from the trans configuration. 

In certain cases rotation may be inhibited by the formation of a weak 
hydrogen bond. This is considered to be the case in the carboxyl group 
for which the dipole moment is close to the value to be expected for the 
fixed configuration 


"A 
—C H 


er 
O 


in which the hydrogen atom is situated as close as possible to the oxygen 
atom of the carboxyl group. 

The bond between the two carbon atoms in ethylene consists of a o and 
am bond. The o bond permits free rotation, but in the 7 bond two con- 
figurations, at 180° to each other, in which overlap of the z orbitals is at a 
maximum, give minimum potential energy and maximum stability. The 
variation of the potential energy in such cases is therefore marked by a 
very high potential energy barrier (Figure 46), the height of which corre- 
sponds approximately to the energy of a w bond. Thus rotation requires a 
very high energy of activation and is not possible at ordinary temperatures. 
In ethylene, the two configurations are indistinguishable but in the di-sub- 
stituted derivatives one configuration refers to the cs and the other to the 
trans form. In these cases the potential energy curve will no longer be 
symmetrical and the value of the minimum energy will be different in the 
two cases. Nevertheless, in view of the high energy barrier, the transfer 
of one form into the other is generally not possible. 

The photochemical transformation of maleic and fumaric acids 


HCCOOH HCCOOH 
| = | 
a ceari HOOCCH 


occurs on absorption of ultraviolet radiation of wavelength of 2,800 A. This 
reaction evidently proceeds as the result of the excitation of one of the a 
electrons, thus permitting rotation of the C—C bond. 

If, owing to resonance, the double bond possesses some single bond 
character, the height of the energy barrier will be lower than in the case of 
a pure ethylenic bond. This evidently occurs in the case of p—nitro-p- 
aminostilbene*? : 


H,N—C,H,—CH=CH—C,H,—NO, 


in which resonance occurs amongst a number of structures containing a 
single bond between the two central carbon atoms ¢.g. 


es 
SNe) ct +NH, 


O- 
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THE CHEMICAL BOND IN CRYSTALS 


CRYSTAL STRUCTURE OF THE ELEMENTS 


A CRYSTAL consists of an ordered three dimensional array of atoms, 
molecules or ions, which undergo only slight fluctuations from their mean 
position. The importance of studies of the crystalline state lies in the fact 
that these investigations lead to information on the spatial arrangement 
of the elementary particles forming the crystal, the nature of these particles, 
i.e. whether they are atoms, molecules or ions, the type of force or bond 
existing between the particles and the relationship between the structure 
of the crystal and its physical and chemical properties. The spatial con- 
figuration of the elementary particles forming the crystal may be determined 
by x-ray analysis. The particles are found to be arranged in simple 
structural units whose repetition throughout the whole crystal forms the 
macroscopic solid. 

The close packing of equivalent spheres— The atoms of the elements may be 
regarded as spheres and we should expect that their crystals would be formed 
by packing the spheres on top of each other in the closest possible way. 
This is what actually occurs. There are, however, two possible ways of 
arranging equivalent spheres so that the interstitial space is as small as 
possible, one with cubic and one with hexagonal symmetry. There is only 
one way of arranging the spheres as close as possible in a single layer, 1.¢. 
when each sphere is surrounded by six others (Figure 47). In the layer 
around each sphere are six interstitial spaces or holes formed by three 
spheres in contact. A second layer may be superimposed on the first layer 
in only one way, by placing each sphere of the second layer in contact 
with three spheres of the lower layer. By this means, one half of the holes 
are covered by spheres of the second layer (Figure 47). The third layer 
can now be added in one of two possible ways, either with spheres 
directly above those of the first layer, or over the holes of the first layer 


<@@); 
TY: 
CD 
ce @, 
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b 


ki Fi Hexagonal (a) and cubic (b) close 
Papa gente I Te eraa) pare 
not covered by the second layer. The first structure, which has hexagonal 
symmetry, is termed hexagonal close packing (Figure ¢8a) and the second 
structure with cubic symmetry is termed cubic close packing (Figure 48b). 
A convenient method of describing these structures uses the symbols 
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A, B and C to represent the three layers of close packed spheres which 
differ from one another in their relative positions. Thus hexagonal close 
packing follows the sequence ABABAB...... (or BCBC...... , or ACAC...... ) 
and the cubic close packing the order ABCABC...... (or CABCAB...... , or 
BCABCA...... ). In both types of close packed structures, each sphere is 
in contact with twelve other spheres. This number is generally referred 
to as the coordination number. Six of these spheres lie in the same layer 
in the form of a hexagon, and the other six are located three above and 
three below in the form of two triangles. In hexagonal close packing, the 
upper triangle has the same configuration as the lower and in cubic close 
packing it has been rotated through 60°. 

The cubic close packed structure may also be represented as a face 
centred cubic structure in which eight spheres are located at the centres of 
the faces (Figure 49). The relationship between this representation of the 
cubic close packed structure and that given in Figure 48b, is that the plane 
111, which cuts the cube in Figure 49, represents a layer of spheres in 
Figure 48a. 


Figure 49. Face-centred cubic Figure 50. Body-centred 
lattice cubic lattice 


In addition to the close packed structures, other more open structures 
exist. The most important of these are the body centred cubic and the 
diamond, or zinc blende, structures. In the former structure, eight spheres 
are arranged at the corners of a cube and a ninth sphere at the centre of 


i 


rd 
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Figure 51. Tetrahedral lattice Figure ie Diamond 
allice 


the cube (Figure 50). The central sphere is thus surrounded by only eight 
nearest neighbours (coordination number eight) ; in addition to these 
eight neighbours, six more (at the centres of the six adjacent cubes) are 
found at a distance only about 15 per cent greater. The effective co- 
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ordination number is therefore sometimes considered to be fourteen. The 
diamond (zinc blende) lattice is obtained by removing four of the spheres 
from alternate corners of the body centred cubic lattice (Figures 51 and 52), 
leaving a central sphere surrounded tetrahedrally by four others. The 
coordination number is thus four. 

Even in the close packed 


structures, a considerable et CYXXVII,  Reletice Volumes occupiad by Spheres and 


part of the total volume Interstitial Holes in different Close Packed Structures 
remains unfilled, since : 

between the spheres there Pies 0 SVehees 
are holes of considerable ordination occupied } not occupied 
volume. This volume is Totes of packing — nmaumber — by spheres | by spheres 
greater in the body centred PEE: i, Oe 


cubic structure and in the (4. pocked 


. ‘ 12 74°05 25°95 
diamond lattice. The Body centred cubic 8 bao. anes 
relauve volumes occupied Cubic 6 52°36 | (47°64 
by the spheres and by the 7¢rafecral + 340 | (Oo 


interstidal space are given 
in Table CXXAXVTI. 

The crystal structure of the elements is given in Table CXXXVIJI in which 
the type of structure is indicated in the following way: Ar: cubic close 
packed (face centred}, A2: body centred cubic, A3: hexagonal close 
packed and As: diamond. The interatomic distances and the number of 
atoms at that distance are also given. 

The crystal structure of the rnon-metals— The atoms of the inert gases are 
spherical and we should naturally expect them to exist in a close packed 
structure in the solid state. This does in fact, occur and of the two alter- 
native close packed structures the inert gases choose the cubic close packed. 
The only forces which exist between the atoms are van der Waal’s forces 
and in view of the absence of a permanent dipole moment, these will be 
dispersion forces. 

The molecules N, and O,, although far from spherical, crystallize 
approximately in a close packed form. Each atom has one nearest neigh- 
bour to which it is bound covalently and the molecules will be bound 
together by dispersion forces. The lattices of the halogens have a similar 
structure except that in the case of iodine, the high polarizability of the 
molecule produces a high dispersion attraction, with the result that iodine 
exists as a solid at room temperature when other molecules, ¢.g. Cl,, F;, 
O,, N., ef¢ which in the crystal are held together by weak dispersion 
forces, exist in the gaseous form. 

In the crystal lattice of diamond, each atom of carbon is surrounded 
tetrahedrally by four other atoms to which the central atom is bound by 
four o bonds. Each crystal is thus a large single molecule in which every 
atom is joined to four others by homopolar bonds. The bond between 
the carbon atoms is almost identical in properties with that of the single C—C 
bond in hydrocarbons, thus the interatomic distance in diamond is 1°54 A 
and the value of the dielectric constant, 5°3, leads to a value for the 
polarizability of the bond of 1 cc, which is only slighty less than the value 
for the C—C bond in hydrocarbons. 

The x-ray investigation of diamond using the methods of Fourier analysis 
enables the variation of the electron density in the vicinity of the carbon 
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atoms to be determined. The 
electron density diagram is 
shown in Figure 53, in which 
the contours connect points 
of equal intensity and the 
figures refer to the number of 
electrons per 1sq A. Between 
\J the atoms, ‘electron bridges’ 
exist which show that the 
electrons are not localized on 
particular atoms, but are ex- 
| changed between them. This 
| electron exchange is a char- 
acteristic of the homopolar 
bond and the fact that the 
electron bridges are directed 
along the line joining two 
atoms is direct corrobora- 
tion of the localization of 
electrons in a o bond. 

In the diamond lattice, even when it is assumed that the atoms are in 
contact, the proportion of the available space occupied by the atoms is 
only 34 per cent. From this point of view the diamond lattice might 
appear unstable.: It is, however, extremely stable as shown by the physical 
properties of diamond and this stability is due to the fact that the forces 
acting between the atoms are homopolar valency forces. Any attempt to 
increase the coordination number would involve the deformation of valency 
angles which would be accompanied by a considerable loss of energy. 
Thus in crystals formed from atoms joined by homopolar bonds, the co- 
ordination number is determined by the valency of the atom. Such crystals 
will therefore be characterized by a small coordination number. 

Another form of crystalline carbon, graphite, has a layer lattice (Figure 54). 
Each layer represents a two dimensional crystal formed from condensed 
benzene rings. Each carbon atom forms three o bonds, by means of three 
sp? hybrid orbitals, which are in one plane at an angle of 120° to each 
other. The fourth electron of the carbon atom is located in a p orbital 
forming a figure of eight perpendicular to the layer. This electron will 
participate in a 7 bond with the three 
adjacent carbon atoms, with the result 


that each bond possesses one third a Pe. SE”. ee 
double bond character in contrast to OS ee 


benzene where the C—C bond possesses 

one half double bond character. The 

C—C distance in graphite (1-42 A) is 

thus somewhat greater than in benzene. ane ee Ae 
The non-localization of the + electrons, 
as described by the molecular orbital 
treatment, explains the high electricai 
conductivity of graphite. The various 
layers of graphite are held together by 
van der Waal’s forces, the distance Figure 54. Structure of graphite 
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Figure 53. Variation of electron density in the 
diamond lattice 
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between two adjacent layers being 3:45 A. The relative configuration of 
adjacent layers is generally considered to be that shown in Figure 54, in 
which the same configuration is repeated every two layers. Lipson and 
StToxes!, however, have suggested on the basis of x-ray measurements 
that in about 1o per cent of the graphite the configuration is repeated 
every three layers. Boron nitride has a similar structure to graphite, 
being composed of six membered rings containing alternate boron and 
nitrogen atoms. In addition to the homopolar structure /, the ionic 
form /J, containing tetravalent positively charged nitrogen and delocalized 
double bonds, will contribute to the resonance of the molecule. 


\ je 
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fo N f 
N B—N +N B-—N+* 
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The heats of formation of diamond and graphite are very close, since 
although in diamond each atom has four o bonds and in graphite each 
atom forms only three o bonds and one weaker 7 bond, in the latter 
there is an increase of stability owing to resonance of a similar type to that 
occurring in benzene. 

The dispersion energy existing between the graphite layers is not great 
and calculation by formula 12.3 gives a value of only 1 to 2 kcals. 
Because of this weak attraction, it is possible for many different atoms or 
radicals to be taken up between the layers, thereby forming compounds 
or salts. In this process the graphite crystal retains its original form, 
except that an expansion occurs in a direction perpendicular to the layers. 

The action of strong oxidizing agents, such as nitric acid and potasstum 
chlorate. on graphite produce the so called graphitic oxide. During the 
course of the reaction, the graphite swells in one direction and the colour 
changes from black to green or brown according to the conditions and the 
electrical conductivity of graphite is lost. Measurement of the distance 
between the layers shows that in these compounds it has increased from 
3°45 A to a value between 6 and 11 A. It is clear that oxygen atoms have 
penetrated between the layers and formed bonds with the 7 electrons, the 
atoms being bonded to both sides of the same layer. The presence of 
the oxygen atoms renders the graphite hydrophilic and it may readily be 
dispersed in water to form a colloidal solution. The ratio of the number 
of carbon and oxygen atoms is not constant but varies between 2-9 and 

‘5 tol. 
: raahite also absorbs molten potassium to form two compounds C,K 
and C,,K. The metal may be dissolved out of the graphite by mercury. 
Also known are the graphite salts formed by suspending graphite in con- 
centrated sulphuric acid to which a small quantity of an oxidizing agent 
has been added. The graphite develops a blue or purple colour and swells 
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owing to the absorption of HSO,- and SO,2- ions between the layers. 
Not every layer takes part in the absorption process and various structures 
in which every second, fourth or sixteenth layer absorbs the ions have 
been proposed. Graphite also forms a compound with fluorine known as 
carbon monofluoride, in which the separation between the layers increases 
to 8:17. A. The conductivity is decreased to 10~5 times that of graphite. 

All forms of so-called amorphous carbon are graphitic in character 
being formed of microcrystals having a graphite structure. The number 
of regularly arranged laminations and the extent of the layers varies from 
one form to another. In lamp black, the layers are approximately 40 to 
50 A in diameter and the crystals 10 A thick. This corresponds to about 
two or three layers each containing about one hundred rings. 

In the crystals of the elements of the fourth to seventh groups of the 
periodic table the number of nearest neighbours corresponds to the number 
of homopolar valencies. This behaviour was first realized by HuME- 
ROTHERY who established the empirical law that the coordination number 
equals 8 — N, where N is the number of the periodic group of the element. 
The halogens form molecules of formula Hal, which are close packed in 
the crystal. In solid selenium the selenium atoms form spiral chains in 
which each atom 1s joined by two homopolar bonds to two other selenium 
atoms. The chains, like the layers of graphite, are held together by van 
der Waal’s forces and possibly by weak forces similar to those occurring in 
metals. Rhombic sulphur consists of cyclic S, molecules in which the rings 
are puckered, each sulphur atom forming two bonds with a bond length 
of 2:10 A. The distance between the atoms in the different rings which are 
held together by van der Waal’s forces, is 3-3 A. At 119° C rhombic sulphur 
melts to give a transparent liquid which on heating to 200° C changes to a 
red viscous modification in which it is believed that the S, rings have been 
broken, thus forming S, chains. The unstable modification, known as 
plastic sulphur, also consists of chains of sulphur atoms. For the group VI 
elements other than oxygen, which is an exception to the 8 — N rule, the 
ratio of the distance between corresponding atoms of different molecules 
to the interatomic bond distance is 1-56 for sulphur, 1-48 for selenium and 
1-21 for tellurium. 

In group V, the 8 —N rule requires an element to have three nearest 
neighbours. Thus four atoms form a tetrahedral structure, with an atom 
at each corner and in which the bond angles are not distorted far from 
the theoretical go° for the bonds involving f electrons. Two types of 
tetrahedral structure are possible, either an infinite layer in which the 
atoms lie in two parallel planes so that each forms three pyramidal bonds 
with its nearest neighbours, or a tetrahedral molecule. Arsenic, antimony 
and bismuth generally form the layer structure, although the very unstable 
yellow forms of arsenic and antimony are believed to contain tetrahedral 
molecules. Phosphorus forms tetrahedral P, molecules in the white modi- 
fication and layer molecules in the black modification. The ratios of the 
longer interatomic distances between the tetrahedral or layer molecules and 
the bond distances are : phosphorus, 1°76 ; arsenic, 1°25 ; antimony, I°17 ; 
bismuth, 1:12. This sequence is in agreement with the increase of polarity 
and of metallic character, with increase of atomic number. 

In group IV the formation of four tetrahedral bonds results in a three 
dimensional complex extending throughout the crystal. This occurs in 
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all the elements of this 
group (carbon, silicon, 
germanium and tin) with 
the exception of lead. 
Carbon and tin form two 
other modifications, gra- 
phite and white tin res- 
pectively. We have 
already considered the 
structure of graphite ; 
white tin possesses a 
deformed octahedral 
structure. 

Nitrogen and oxygen do 
not obey Hume-Rothery’s 
rule, since in both cases 
there 1s only one nearest 
neighbour and not 8 —N. 
This is evidently due to 
the fact that the bonds 
in O, and Ng are more 
stable than two single 
O—O bonds and three 
single N-—N _ bonds res- 
pectively. 

In the first and second 
groups of the periodic 
table the 8 — N rule does 
not give the number of 
possible covalent bonds, 
furthermore the elements 
of these groups, together 
with those of the transition 
groups do not form homo- 
polar or ionic bonds but 
a metallic bond possessing 
definite characteristics. 

The structure of metallic 
crystals— Of the charac- 
teristic properties of 
metals which distinguish 
them from non-metals, 
the high thermal and 
electrical conductivities 
are perhaps the most sig- 
nificant. We shall, how- 
ever, be concerned here 
mainly with the problem 
of the nature of the bond 
between two atoms in 
metallic crystals and we 
must refer those who are 
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Figure 55. Interatomic distances in metallic crystals 
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interested in the extensions of the theory to account for the thermal and 
electrical properties of metals to the various monographs which deal with 
these problems?. 

With only a few exceptions all the metals whose crystal structure is 
known have a structure which is either hexagonal close packed, cubic close 
packed or body centred cubic. A number of metals e.g. caesium, which 
crystallize under ordinary conditions with a body centred cubic structure, 
at high pressures (22,000 kg/sq cm) change to a close packed modification’. 
The exceptions are zinc, cadmium, mercury, aluminium, gallium, indium, 
thallium, lead and manganese. Zinc and cadmium crystallize with a 
distorted form of hexagonal close packing, in which there are two groups 
of six nearest neighbours at slightly different distances from the central 
atom. Crystalline mercury has a distorted simple cubic lattice (rhombo- 
hedral) in which each atom has six nearest neighbours and gallium 
crystallizes in a very complex structure in which an atom has the following 
group of neighbours: one at 2°44 A, two at 2°70 A, two at 2-73A and 
two at 2:79 A. Aluminium, indium, thallium and lead crystallize with 
approximately close packed structures in which the interatomic distance is 
rather larger than would be expected from a comparison with the values 
of neighbouring elements. It is interesting to note that all these elements 
possessing distorted close packed structures have lower melting points than 
expected by comparison with neighbouring elements in the periodic classi- 
fication. Manganese may crystallize in one of three complex structures 
unrelated to other forms. 

The variation of the interatomic distance in crystals of the elements is 
shown in Figure 55. A marked periodicity is observed, the values being 
greatest in the case of the alkali metals and least with the middle members 


Table CXXXIX. Heats of Sublimation of Metals (kcals) 
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of a long period. Thus in the first long period the largest value occurs 
with potassium. On increasing the atomic number the interatomic distance 
decreases to about the seventh element, manganese, then remains constant 
to the eleventh element, copper, and then increases up to selenium. 
PAULING relates this variation with the possible number of unpaired 
electrons. In the long periods the s, p and d orbitals are being filled 
(g orbitals in all) and hence the maximum number of unpaired electrons 
may equal g. In the first part of the period the number of unpaired 
electrons may increase and during the latter part decrease. 

The values for the heats of sublimation of metals given in Table CXXXIX 
although only approximate, bring out some important relationships. In 
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the same period, the value of the heat of sublimation increases with in- 
creasing number of valency electrons, e.g. Na, 25-9 kcals ; Mg, 36-3 kcals ; 
Al, 55 kcals. The effect of completely filled d orbitals on the heat of 
sublimation is shown by comparing the values for the alkali metals, viz, 
K, 20 kcals ; Rb, 19 kcals and Cs, 19 kcals, with Cu, 81 kcals ; Ag, 68 kcals 
and Au, 92 kcals respectively. These data confirm the suggestion made 
above, based on the variation of the atomic distance with atomic number, 
that the d electrons take part in the interatomic bond. The effect of the 
d electrons is also shown by the high values of the heat of sublimation of 
all the transition elements, the values being particularly high for platinum 
(127 kcals), molybdenum (160kcals) and tungsten (21okcals). The 
relatively low values for zinc, cadmium and mercury are presumably 
related to their distorted close packed lattices. 

The electrical properties of metals require that a metal should contain 
free electrons and the spectroscopic properties indicate that the number of 
free electrons should be comparable with the number of atoms present. The 
latter requirement is based on the fact that the second ionization potential 
of an element is generally very much greater than the first, e.g. for sodium, 
the values are 118 and 1,084 kcals respectively. The density of the electron 
cloud of an isolated atom, as shown in Chapter 1, increases at first with 
increasing distance from the nucleus, passes through a maximum and then 
rapidly falls to a low value and approaches zero at infinite distance. In 
the metallic state, however, the density of the electron cloud does not fall 
to zero, but falls to a constant value in the space between the ions. This 
permits the metal to be regarded as a close packed structure of positively 
charged ions existing in an electron cloud of fluctuating density. Such a 
general qualitative picture of the struc- 
ture of a metal is supported by the x-ray 
data for the variation of the electron 
density in magnesium. The method of 
Fourier analysis applied to the x-ray data 
for magnesium‘ gives the curve shown in 
Figure 56 for the variation of the electron 
density between the magnesium ions. Interatore Distance 8 

As in a simple molecule, the electronic Figure 56. Variation of electron 
states in a metallic crystal must be defined oe oa Bl desis ce 
by molecular orbitals and not by refer- pivinaiay/ and B (by Focio anabth) 
ence to the quantum levels originally _ 
occupied in the uncombined atoms. The single crystal is thus regarded as 
a very large molecule and the energy of the crystal will consist of the 
interaction energies of the electrons and nuclei, and of the kinetic energy 
of the electrons. The latter quantity can be obtained by considering the 
electrons located in a box of volume V, and assuming that the electrons 
move in a field of constant potential. We then obtain (see Chapter 18) 


h? 2 2 2 12.1 

E = gpars (m1 +a? + Ms ees") 

where h is Planck’s constant, m is the mass of the electron and n, np and 
n, are three quantum numbers which may have only positive integral 
values, i.e. 1, 2, 3...-etc. The energies of the possible electronic states are 
thus characterized by the squares of the three positive integers. Each 
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state, according to Pauli’s principle, may contain only two electrons, there- 
fore only two electrons occupy the lowest level when n,? = n.” = nj? = 1, 
the next electron pair must occupy the next higher energy level and hence 
even at the absolute zero of temperature, the electrons will still possess 
kinetic energy. At the absolute zero the levels will be successively filled 
by electrons and the total kinetic energy will be a minimum ; if there are 
N electrons, then V/2 states are filled. At higher temperatures, higher 
energy levels may be occupied by the electrons. The interval between 
successive energy levels is h?/8mV2/* and since h is of the order of 10~*/ 
erg sec and m is of the order of 10~% gm, the interval between successive 
levels becomes appreciable only when V is of atomic dimensions. When 
V is large compared with atomic dimensions and the number of electrons 
is considerable e.g. 107%, the energy levels are so close together that the 
uncertainty principle prevents us from assigning a particular electron to a 
particular state and the states may be regarded as forming a continuous 
series of energy levels, although it must be remembered that the Pauli 
exclusion principle still holds. 

In a real metallic crystal, however, the potential field is not constant 
but periodic and increases, as we have seen (Figure 56), to a maximum at 
each metal ion and falls to a minimum between the ions. The solution of 
the appropriate wave equation shows that the electrons cannot assume any 
value between zero and the maximum energy value, but that there are 
certain permitted zones of energy values between which there are dis- 
continuities or .bands of forbidden energies. Within the limits of any one 
zone the arrangement of the electronic energy levels does not differ sig- 
nificantly from that of the free electron in a constant potential field. 

In the alkali metals all the electrons may be accommodated within the 
limits of one zone. This may be shown by comparing the zone in a crystal 
with a particular atomic orbital. Ifthe interatomic distances in the crystal 
lattice are assumed to increase, but with the retention of the original 
symmetry, the zones become narrower and are finally reduced to atomic 
dimensions. The first zone in a crystal of sodium corresponds to the s 
orbital and will contain N energy levels, i.e. it can accommodate 2N 
electrons. But for these there are only WN electrons for which N/2 levels 
are sufficient for their accommodation. Therefore one half of the levels of 
the first zone remain unoccupied. The differences in energy between 
the individual levels of the zone is not great and excitation of the 
electrons takes place easily ; in this fact lies the explanation of metallic 
properties. 

In other metals the situation may be more complex. Sometimes the 
first zone may be insufficient to accommodate all the electrons, or over- 
lapping of the zones may take place. In the former situation, the electrons 
are divided amongst zones separated by forbidden regions, and excitation 
as in the case of sodium cannot occur. This occurs in diamond where the 
zones Corresponding to the atomic orbitals of carbon are divided and the 
electrons are concentrated along lines joining neighbouring atoms, thus 
forming localized, homopolar bonds. 

In the analogues of carbon having higher atomic number, the s and p 
orbitals are more spread out and in consequence overlapping of zones 
occurs, causing the appearance of metallic properties. Thus there is a 
gradual transition of the bond type from the metallic to the homopolar. 
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For example, in bismuth, the electrons of each atom participating in 
homopolar bonds with its thrce nearest neighbours may be partially free 
and hence responsible for the metallic properties and for the bonds between 
the layers of covalently bonded atoms. 

The structure of alloys— \When two or more metals are melted togcther in 
suitable proportions a homogeneous solution often results. On cooling, the 
homogeneous solid is termed a solid solution, since as in a liquid solution, 
the atoms are distributed in a random fashion. If the structure of the 
solid solution 1s identical with that of one of the components (the solvent) 
the solution 1s termed a primary or a solid solution. Primary solid solutions 
are of two types: interstitial solid solutions, in wlhuch the atoms of the 
dissolved substance are situated in the holes between the atoms of the 
solvent and substitution solid solutions in which the solute atoms have 
taken the place of solvent atoms in the lattice of the latter. 

In a close packed array of atoms, two kinds of holes are formed between 
the spheres. The first is formed by four spheres in contact and a solute 
atom placed in such a hole will have four nearest neighbours arranged 
tetrahedrally around it. Such holes are generally referred to as tetrahedral 
holes. The second is formed by six spheres in contact, and a solute atom 
placed at the centre would have six nearest neighbours forming an octahedral 
group around it, and the holes are therefore referred to as octahedral holes. 
Clearly there is an upper limit to the size of atoms that can be accom- 
modated in such holes and taking the radius of the close packed atoms as 
unity, the maximum radii are 0:41 for an atom in a tetrahedral hole and 
0°59 in an octahedral hole. Solid solutions in which the maximum radius 
is exceeded, with resulting deformation of the original lattice, are known, 
but the divergence from the theoretical radius is generally not very great ; 
e.g. for carbon dissolved in iron the ratio 1s 0°63. 

Interstitial solid solutions are only formed between the non-metals 
possessing small atoms: hydrogen, boron, carbon and nitrogen, and the 
metals of the transition group. Other metals of the first and second groups 
generally tend to form with these non-metals, not interstitial solutions, but 
ionic lattices, e.g. calcium carbide. Since the total proportion of the 
volume occupied by the atoms, as represented by spheres of two sizes, has 
increased, the interstitial compounds are much harder and nielt at much 
higher temperatures compared with the original metal. 

In a substitution solid solution two possibilities arise: the distribution 
of the atoms may be entirely random throughout the lattice, or at par- 
ticular ratios of the constituent atoms an ordered arrangement may exist 
in the crystal. Such a solid solution is termed a superlattice. 

A number of factors determine the formation of solid solutions : 

I The two substances must be chemically similar ; if they differ con- 
siderably in electronegativity, the tendency will be for the formation 
of compounds rather than solid solutions. 

2 The relative size of the atoms is important. According to HuMe- 
RoTHERY, Maszsotr and Evans®, a continuous series of solid solutions 
may be formed over the whole range of concentrations if the sizes of 
the atoms of the two metals do not differ by more than 15 per cent. 
The limiting value of this ratio is by no means definitely established 
and depends to some extent on other factors such as the coordination 
number. 
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3 The mutual solubilities of metals are not reciprocal. A metal of low 
valency is more likely to dissolve one of higher valency than vice versa. 
For example, in the solid solutions of copper and silicon, a silicon 
atom may replace four copper atoms in the copper lattice, but a copper 
atom, with only a single valency electron, cannot replace a silicon 
atom which is linked tetrahedrally with four other silicon atoms. 
Hence the solubility of silicon in copper is 14 per cent but that of 
copper in silicon only 2 per cent. In a similar way tin dissolves only 
1 per cent of silver whereas silver can dissolve up to 12-2 per cent 


of tin. 


When the a phase, i.e. the primary solid solution, has only a limited 
range of stability, other intermediate phases are formed. At particular 
concentrations of the second component a transformation from one crystal 
structure to another takes place. Ina large number of binary systems, e.g. 
Cu-Au, Cu-Al, Cu-Sn, a transition from the cubic close packed structure 
of copper to a body centred cubic structure (8 phase) occurs at a particular 
concentration. The f phase is stable over a particular range of concen- 
tration and at higher concentrations is generally converted to the y-phase 
which has a complex structure, followed by the « and 7 phases which are 
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hexagonal close packed 
structures. Each phase 
has a definite range of 
stability and Hume- 
Rothery obtained empiri- 
cal rules connecting the 
composition of the phases 
with the ratio of the num- 
ber of valency electrons 
N to the number of 
atoms WV,. In order to 
obtain these values it was 
found necessary to consider 
that the number of valency 
electrons of the elements 
iron, copper, nickel, ruthe- 
nium, rhenium, palladium, 
osmium, iridium and 
praseodymium was zero. 
The values of the ratio 
N/N, are given in Table 
CXL and it is evident that 
each particular phase co- 
incides with a particular 
ratio of the number of 
valency electrons to atoms, 
although the phase may be 
stable over a considerable 
range of concentration. 
An attempt at a 
theoretical approach to 
this problem has been made 
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by Mott and Jones®. It might be expected that the structure of a definite 
phase would be stable so long as all the electrons can be arranged in the 
energy levelsofa particular zone. When this zone has become fully occupied, 
the remaining electrons must occupy levels in a higher zone separated from 
the first by a forbidden region. On the basis of the assumption of a 
continuous sequence of levels in a field of constant potential, the energy of 
the highest occupied energy level is given by : 


E h? (3N\?3 
oo = (>) :4-aFS.2) 


where WN is the number of electrons in volume V (for derivation see Chapter 
18). To each electron with a kinetic energy E = } mv?, there will corre- 
spond a wavelength given by : 


= h/mv = h/(2mE)'2 o 2. (13.3) 

If the electrons occupy all possible levels up to F,,,, then the minimum 
wave length will be : 

Ania = 2(7/3)"9.(VN YS (13-4) 


The greater the number of electrons N, the greater will be the number of 
energy levels occupied and hence the larger the value of F,,,. From 
equation 13.4, however, the greater the value of NV, the smaller will be 
Awts and it may become sufficiently small to satisfy Bragg’s law of reflexion, 

A = 2d sin 6 sie (1325) 
where d represents the distance between the planes of the crystal and @ 
is the angle or reflexion. It is possible to show that if A satisfies this 
equation it corresponds to the upper limit of the filled zone and the 
electron may no longer enter the crystal, since if it did it would undergo 
total reflexion. If the energy of the electron were increased, however, 


(0/0) (110) CH) 


Figure 57. Distances between planes in a cubic crystal 


it would occupy a level in a higher zone. A structure in which the number 
of electrons is less than critical is stable, but the addition of electrons above 
the critical value produces an unstable condition which is compensated by 
a rearrangement of the structures with a different sequence of zones and 
another critical wavelength. The maximum value of the wavelength 
which will cause reflexion at a given distance between the planes is 
rwit = 2d «oie l vO) 
For face centred cubic crystals the lattice planes (010), (110) and (111) 
are represented in Figure 57. The distance between the (111) planes 1s 
a/4/3, where a is the lattice constant given by: 
d = af(h® + k? + [*)12 
and h, k and I are the indices of the faces. From equation 13.6 the 
critical wavelength will be given by 
Na, = 20/3 prerite CL 3SD) 
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In the unit cell of such a crystal with volume a? there are four atoms, so 
that 


a® = 4V/N, . ++. (13.8) 
where JY, is the number of atoms in the volume V. From equations 13.7 
and 13.8 we have 
2 fav\us 
hen = 5 ($7 .. +. (13.9) 


The dependence of A on the number of electrons is given by equation 
13.4 and on combining 13.4 with 13.9 we obtain the condition for reflexion 
of the electrons : 


2 (4V\7" 
9 1/3(V 1/3 — ._ -* ane «-- -(I2.10 
(n/8) (VIN) = —S (5 | (13.10) 
From equation 13.10 it follows that the ratio of the number of electrons 
to the number of atoms at the critical state 1s 
NIN, = 7+/3/4 = 1-362 sene( 1301) 

Thus the a phase will become unstable when N/N, = 1-362 and this 
electronic concentration limits the region in which the structure of the 
solid solution can be identical with that of the solvent. The experimental 
values for NV/N, at the limit of stability of the a phase for several systems 
is given in Table CXLJ. For two metals with the same number of valency 
electrons W/V, — 1 at all concentrations of the components, so that there 
is no obstruction to the formation of a complete series of solid solutions. 

In the 8 phase, which has a body centred cubic structure, the planes 
which are the greatest distance apart are the (110) planes. For these 


Ne, = 2alr/2 .... (13.12) 
In a unit cell there are two atoms, and making a similar calculation to that 
given above we obtain : 
N/N, = 17+/2/3 = 1-480 aus{T 3:13) 
The experimental values of V/N, for the 8 phase vary from 1-48 to 1-50 
with the exception of the Cu-Al alloy which gives r-37. An analogous 
treatment for the y and e phases may be made, but is more complex. In 
these cases also the agreement between the theoretical values and the 
experimental data is good. The electron : atom ratio is not always correct, 
however, because other factors, such as the dimensions of the atoms and 
other energy relationships, may introduce complicating factors. 


MOLECULAR CRYSTALS 


The crystals of such inorganic substances as carbon dioxide and the hydrogen 
halides and of the majority of organic substances are composed of molecules 
bound together by van der Waal’s forces. If the molecule has a relatively 
simple structure and only a small polarity, the heat of sublimation is found 
to be small and for such molecules, Lonpon’ has calculated the heats of sub- 
limation assuming that only dispersion forces are responsible for the inter- 
molecular attraction. The attraction energy is considered to be given by 
E = — C/r® where r is the distance between the molecules and C = ? a*/ 
(see equation 12.3). In addition to non-polar or weakly polar molecules, 
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e.g. N,, CO, CH,, etc, London considered 
also certain dipolar molecules, e.g. HCl, 
HBr, HI, etc ; disregard of the dipole- 


Table CXLI, Electron: Atom Ratios for 
Maximum Solubility in a Phase 


dipole forces in these cases was con- a-phase | N/Na || a-phase NIMs 
sidered justifiable since in the crystals —-——— : - 
such molecules are in a state of constant rea 1384 aie 1425 
rotation so that the effect of the dipole is Gu-Ga | 1 1s Ae-He sh 
considerably reduced. The various quan- Cu-Si 1-420 || Ag-In 1'40 
tities necessary for such calculations, to- ! 
gether with the calculated and experi- Cu-Ge | 1-360 | Pe, 4) 408 
‘ : u-Sn 1'270 Ag-Ga 1-380 
mental values of the heats of sublimation | Ag-Sn 1-366 
are given in Table CXLII. The lack of : | 
agreement between the values is not sur- 
prising since repulsion, dipole and quadrupole forces were neglected’. Never- 


theless, it is seen that dispersion forces do give values for the heats of 

sublimation which are of the right order of magnitude. 
: Sai CIs More complex mole- 
cats o ublmation Caicula rom upersion . 
Forces aie Atoms and Molecules i ie ae oe ye 
| Heat of sublimation keats operon lorces between 
: the molecules in the 


Table CXLII. 


i Tontzation —_———- 
Substance | Density | Potential | Polartzability| Theoretical | Experimental value crystal are greater. 
agm|ce keals ce extrapolated ta o°K 
kh a ee ee Prthermore, “other 
Ne 1°46 494 0°40 0°40 0°59 } 1 
ie pee ik ae Dee ves oe complicating factors 
Kr 3:2 32! | 2°54 3°10 2-Bo may be introduced, such 
N, 1:03 391 74 161 1°86 
- as the existence of polar 
O 1°43 299 1°57 1°48 2° ; : 
oa - oo ae ae at groups which will pro- 
CH, 0°53 334 2°58 2°47 age duce strong dipole- 
2°00 I : ; : ° : 
sd . i dipole or dipole- 
HCl 1°56 315 2°63 4°04 5°05 j 1 
Se ee ae 338 = ve induced dipole forces, 
HI 3°5 292 5°4 7 6-21 and the distribution 
NO 1°58 235 1°76 2°04 4°29 f h ] 
of the polar groups 


throughout the mole- 
cule. The latter factor is illustrated by the different heats of sublimation 
of the isomeric fumaric and maleic acids (Table CXLHI). The effect? 
of increasing size and polarity of the molecule on the heat of sublimation 
is shown in the Table CXLIII. 

As is to be expected from the difference in the nature of chemical and 
van der Waal’s forces, the distances between atoms ina molecule and between 
adjacent atoms of differ- 
at molecules in a lies 
crystal, differ consider- 


Heat of Sublimation of Organte Crystals 


! 

ably. The bond length Heat of | Heat of 
between two atoms is a Substance sublimation | Substance ae 
fairly constant quantity, su z 
differing only slightly Benzene .. 9:8 || o-Dinitrobenzene 20°7 
from one molecule to Neopian 159 | } Didnhnoe 19°4 

es enanthrene 20°! i inilrobenzene 212 
ee pean Anthracene .. 22°3 p-Nitraniline 23°6 
ar distances on tne Diphenyl . 16°4 | Fumaric acid 32°5 
other hand, in addition Benzoie acid 201 || Maleic acid 26°3 
to being much greater I 
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(see Table CXLIV), are also more variable. For example, the distance 
aay adjacent carbon atoms in different molecules varies from 3-4 A 
to 471 A. 

The shape and size of a molecule are the factors which determine the 
form of the crystal lattice, and BERNAL has distinguished between five 
main classes of organic molecules : simple molecules, e.g. CH,, CO(NH,). ; 
molecules containing a long hydrocarbon chain, e.g. the higher paraffins 
and their derivatives ; molecules composed of planar rings, e.g. aromatic 
compounds ; complex molecules in three dimensions, e.g. the terpenes ; 
high polymeric compounds. 

In the methane 
crystal, the molecules 
are In constant rotation 
and therefore possess 
spherical symmetry. 
The crystal lattice of 


Table CXLIV. Interatomic Distances tn One Molecule and 
Neighbouring Molecules in a Crystal 


Distance between atoms A 


ae Bet to ’ 
perrare Within the molecule miehbournc molecu methane may therefore 
ee ee ee. ae be regarded as a close 
ane ory we C—C 1°54 see 3°94 
Ethylene. s C=C, rae | GC 38 packed structure of 
examethyloenzene .. — 1°42 eon 3°09 M : 
Hegminuaciene lo cco a spheres with a radius of 
< 2:28 A. The cubic type 
m-Dimitrobenzene .. C...C 3°82 
Naphthalene 2 Car—Gar 1-41 G.-C ae 36 of close packed structure 
acens .. i r—C 1°41 Bie 3°7 : 
Durene os re C.=C., I-41 CH,...CH; 3°9 di ead eits ts 
istan etween atoms 
Dibenzyl .. | Car—Cor 141 | CH,...CH, 41 ¢ . = t neigh 
pee Sa a so use all oa 3°7 ol hydrogen o1 neigh- 
y se *° al—Car "4 oe 3°4 1 ; 
Nonacsow.. |. | Coo wag) | CH, GH hea bouring molecules is not 
Carbon dioxide ve C—O 107 220) 3:23 and 3°45 less than 2°5 A com-, 


pared with the inter- 

atomic distance in the 
molecule of 1-78 A. Carbon tetrabromide and carbon tetraiodide also 
give a cubic lattice and in the tetradiodides of both carbon and silicon 
the iodine atoms form an approximately face centred cubic lattice, the 
distance between the atoms of iodine in different molecules being only 
slightly greater than the distance in one molecule, the dispersion forces 
between the readily polarizable iodine atoms being responsible for the 
compact structure. The crystal of ethane may be regarded as a close 
packed system of ellipsoids, formed as a result of the rotation of the 
H,C—CH, molecules. 

Molecules containing a long hydrocarbon chain are arranged in the 
crystal so that the chains are parallel, the chains themselves being close 
packed ; in such an arrangement the dispersion interaction between the 
molecules is ata maximum. As the hydrocarbon chain length is increased, 
the number of bonds per molecule taking part in dispersion interaction 
with the neighbouring molecules is increased and it is consequently more 
difficult to separate the molecules. Heats and temperatures of melting 
and sublimation therefore increase with increasing chain length. 

Where one end of the molecule is polar and the other end non-polar, 
as in the mono-carboxylic acids, it is possible to distinguish between two 
types of intermolecular bonding, produced either by the interaction of 
the polar groups, which will be caused by van der Waal’s forces of the 
dipole-dipole type, and in carboxyl and certain other groups by hydrogen 
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bonding, or by dispersion interaction of the non-polar hydrocarbon chains. 
The structure in the lattice of a carboxylic acid will therefore be : 


Ps H—O 
l 
—CH ,—CH, CH,—CH, eons CH,—C ‘ecu, eceee CH a—CH, CH,—CH 2 
Vl 
O—H O 


Molecules will always tend to become arranged in that position which 
permits maximum bonding, whether this be due to dispersion forces, 
dipole forces or hydrogen bonding. For example, the molecules of urea in 
the crystal are arranged so that each — NH, group is surrounded by the 
atoms of oxygen of the neighbouring molecules. The O ---- H—N distance 
is between 2-98 and 3:03 A. 

Ice— The formation of hydrogen bonds between the oxygen atoms of the 
H,O molecule plays a significant part in the structure of the ice crystal. 
The molecules are arranged so that the oxygen atom ofa given molecule is 
linked by hydrogen bonds to the oxygen atom of two other molecules, 
whilst both hydrogen atoms of the given molecule form, in turn, hydrogen 
bonds with the atom of oxygen of two other neighbouring molecules : 


O O 


‘H H 
Me 
O 


H HOCH H 
Eee a \ 7 
O O 


Each oxygen atom is therefore surrounded tetrahedrally by four other 
oxygen atoms and it takes part in two homopolar and two hydrogen bonds ; 
the distance between the oxygen atoms is 2-76 A. The structure is very 
similar in general configuration to one of the forms of the SiO, lattice. 

The lattice obtained by arranging the water molecules in this way is an 
open network with considerable space between the molecules. The crystal 
could be constructed in a much more compact manner by arranging the 
separate molecules in one of the close packed structures, thus surrounding 
each molecule by twelve others. Such a structure, composed of spheres 
2-76 A in diameter, would have a molecular volume of 9 cc, compared 
with the actual value for ice of 19-6cc. In the close packed structure, 
although the dispersion forces between the molecules would be increased, 
the gain of energy would not offset the loss of energy due to the breaking 
of the hydrogen bonds since with the close packed structure it is impossible 
to achieve the most favourable mutual orientation of all the polar OH 
groups of the molecules. 

The x-ray investigation of water shows that the tetrahedral lattice 
present in ice is preserved to a considerable extent in the liquid state. 
The intermolecular distances, however, are not constant, indicating that 
the intermolecular bonds in the liquid state are less strong than in the 
solid state, thus permitting movement of the molecules, 1.e. free diffusion, 
to occur. The molecular volume of liquid water is 18 cc. The decrease of 
the value compared with that of ice is evidently due to the partial destruction 
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of the open lattice of ice, thereby permitting single molecules to occupy the 
spaces in the lattice. This tendency to form the close packed structure, 
however, is not great, as is shown by a comparison of the values for the 
molecular volume : water, 18 cc ; ice, 19:6 cc ; close packed structure Q cc. 
Furthermore, the heat absorbed on melting is only 1-44 kcals/gm mol, 
whereas that absorbed on sublimation, when all the intermolecular bonds 
are broken is 12-2 kcals/gm mol. 

From the foregoing discussion, it is apparent that water may be regarded 
as very similar in structure to ice, the crystal lattice being somewhat dis- 
rupted. This introduces an important generalization, first suggested by 
Desye, that from the point of view of structure and of properties, liquids 
are much closer to solids than to gases. On increasing the temperature, 
thermal motion of the molecules will decrease their orientation and the 
bond between the molecules is therefore weakened. This will tend to 
produce an increased molecular volume, but since this process also produces 
single molecules which may occupy the holes in the lattice and thus de- 
crease the volume, we have two opposing effects. It is these two effects 
which are responsible for the maximum density of water occurring at 4°C. 


COORDINATION LATTICES 


The majority of inorganic compounds form a coordination lattice in the 
crystalline state. In such a lattice each atom or ion is surrounded by a 
particular number of nearest neighbours, corresponding to its coordination 
number. The bonding forces between the atoms or ions are covalent 
and electrostatic respectively and it is an important feature of these com- 
pounds that a simple molecule, corresponding to the ratio of the various 
atoms and ions in the compound does not exist, the whole crystal being a 
single molecule. 

A very large number of inorganic compounds crystallize in a relatively 
small number of simple lattice forms which we shall 
now describe briefly. 

The sodium chloride lattice is a simple cubic lattice 
in which the sodium and chloride ions are located at 
the alternate corners of a cube (Figure 58). Each 
sodium ion is thus surrounded by six chloride ions 
and each chloride ion by six sodium ions. 

Caesium chloride crystallizes in a body centred cubic 
lattice, the coordination number of both the caesium 
and the chloride ions being eight. The caesium 
chloride lattice may be regarded as two simple cubic 

Firweto: Sodium systems, one of caesium ions and one of chloride ions, 
chloride lattice placed so as to interlace with each other. 

The zinc blende structure of zinc sulphide is a dia- 
mond lattice in which zinc and sulphur atoms alternate, the coordination 
number of both zinc and sulphur is four. 

The wurtzite structure of zinc sulphide and of zincite, ZnO, is also a 
tetrahedral structure (Figure 59) and the coordination number of both 
elements is four ; the difference between the wurtzite and the zinc blende 
structures is that in the latter the atoms of the various layers are located 
above each other, whereas in the diamond (zinc blende) structure, the 
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@ Zn OSs @ Ca OF 
Figure 59. Wurtzite lastice Iigure 60. Fluorite lattwe 


tetrahedra are displaced so that the holes of one layer are occupied by an 
atom in the adjacent layer. 

The fluorite (CaF) lattice is closely related to the body centred cubic 
structure of caesium chloride. Since the calcium carries a double positive 
charge, there are only half the number of calcium ions compared with 
fluoride ions. If we remove every other ion from the body centred cubic 
structure we obtain the fluorite lattice (Figure 60) in which every Ca?+ 
ion is surrounded by eight F- ions and every F- ion surrounded by four 
Ca?+ ions. 

The rutile (TiO,) lattice is somewhat more complex. The titanium atoms 
(black circles in Figure 6r) are located at the apices and at the centre of a 
right angled parallelepiped. Two atoms of oxygen (open circles, Figure 61) 
lie along the diagonal of the upper face and two on the diagonal of the 
lower face. The numbers given refer only to the atoms of oxygen within 
the unit cell ; in Figure 61 some of the oxygen atoms lying in adjacent crystal 


@T ‘oRe) 


@ cu OO 
Figure 61. Lattice of Rutile TiO, Figure 62. Cuprite lattics 


cells are also shown. A further two oxygen atoms lie in the plane of the 
central titanium atom. Each atom of titanium is thus surrounded by six 
atoms of oxygen and each oxygen atom by three atoms of titanium. This 
lattice may be regarded as a transitional type between the ionic and the 
molecular in that it is possible to distinguish molecules of TiQ,. 

The cuprite (CuO) lattice is shown in Figure 62 and consists of a body 
centred cubic arrangement of oxygen atoms. If this cube is divided into 
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eight smaller cubes and at the centre of each alternate small cube is placed 
a copper atom, we obtain the cuprite structure. The copper atoms thus 
form a tetrahedron within the body centred cubic structure of oxygen 
atoms. Each oxygen atom ts thus surrounded tetrahedrally by four copper 
atoms and each copper atom is located between two oxygen atoms, the 
three atoms being linear. 

Silica (SiO,) forms six different structures, a and B quartz, a and 8 
tridymite and a and § cristobalite. The tridymite structure is analogous 
to the zinc blende and cristobalite to the wurtzite structure of zinc sulphide 
each oxygen atom being located linearly between two atoms of silicon. 
The exact details of these structures have not, however, been worked out 
and the nature of the a to f transition is not known. The structure of 
a and f quartz which is more common than the other two forms is also 
not known with certainty ; the Si—O—Si angle, however, is not 180°. 

The cadmium todide lattice is shown in Figure 63 and is an example of a 
layer lattice. Each plane consists of a cubic close packed structure con- 
sisting of three layers only of cadmium and iodine atoms. The cadmium 
atoms form the central layer and in the unit cell (Figure 63) the close 
packed elementary layer of seven cadmium atoms has two groups of three 


Cl- Nat 


Figure 64. Sodium chloride ion pair 


Cie Na* 
Nate! Cis 
————___—+ 
‘No? iCl- 
@cd oF cr “Nat 
Figure 63. Cadmium todide Figure 65. Four sodium chloride ion pairs forming a cube 
lattice 


iodine atoms arranged as a triangle above and below. The mutual 
orientation of the two triangles is such that the holes not filled by one 
layer are filled by the other (the configuration, according to Figure 48, 
is CAB). Each cadmium atom is thus surrounded by six iodine atoms, 
three above and three below, and by six other cadmium atoms. The 
various planes of cadmium and iodine atoms are placed one on top of the 
other to form a layer lattice. 

Of the various lattices considered above, in those of NaCl, CsCl, CaF,, 
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ZnS, SiO, and Cdl, the division of the crystal into single molecules is 
impossible. Only in TiO, is there a suggestion of a molecular unit. Such 
formulae as NaCl, CsCl etc thus represent the ratio of the different species 
of atoms or ions present in the crystal and not the formula of a single 
molecule. We must now consider the nature of the forces producing the 
various crystal structures. 


IONIC CRYSTALS 


The crystal of sodium chloride consists of an ordered array of Nat ions and 
Cl- ions which are held in a stable configuration by the Coulomb forces 
acting between the ions. In the gaseous state, where the NaCl ion-pair 
(molecule) has a separate existence, the force between the ions is — e?/r. 
Unlike homopolar forces, electrostatic forces do not show saturation and 
electrostatic interaction will occur with all the neighbouring ions, so that 
when two NaCl ion pairs are brought together to form a rectangle, as 
shown in Figure 64, the energy of attraction will he the sum of the various 
attraction energies between ions of different charge and the repulsion 
energies of ions of like charge, t.e. 


E = — 4e2/r + Qe%/ra/2 = — 2-57e2%/r = — 1-285. 2e2/r 


This value is greater than the sum of the energies of the two ion-pairs 
taken individually, viz — 2e?/r, and hence the rectangular configuration is 
the more stable. If four molecules are arranged in the form of a cube 
(Figure 65) the total interaction energy becomes 
E = — l2¢2/r — 4e7/ra/3 + 12e%/ro/2 = — 5-8e?/r = — 1-45 x 4e?/r 

which is to be compared with 
the value — 4e?/r, the sum of 
the ionic attraction in four 
separate ion-pairs. We see, 
therefore, that the union of ions 
into large aggregates brings 
about a gain of energy which 
is of the same order of magni- 
tude as a single ionic bond. 
Thus on bringing two ion-pairs 
together, the increase in energy 
over 2¢2/r is 28 per cent, for four 
molecules the gain over the 
value of 4e2/r is 45 per cent, and 
in the limiting case for an infi- 
nite crystal the gain in energy is 
75 percent. These figures are 
based on the assumption that 
the interionic distance in the 
crystal is the same as in the lone 
ion-pair. This is not so and as 
will be shown later the equili- 


- 
mn eet mee? ‘ 


brium interionic distance inthe | (e: figs OF oe hegy 03 
owed: {°] 


Saf 


crystal is 13 per cent greater 
than in the gaseous molecule. Figure 66. Variation of electron density in sodium 
The gain in energy of the chloride lattice 
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infinite lattice is therefore somewhat less than 75 per cent. This gain in 
energy is indicated by the stability of ionic lattices and their large heats 
of sublimation ¢.g. for NaCl, 55 kcals/gm mol. 

When two sodium chloride molecules are arranged as shown in Figure 64, 
the weight of the ionic state in each molecule will be increased, since this 
will cause a further gain of electrostatic energy. The crystals of salts 
similar to sodium chloride, though not necessarily of the same crystal 
structure, will thus consist almost entirely of ions. This picture is con- 
firmed by x-ray data, which shows (Figure 66) that the electron cloud is 
concentrated on the ionic centres and rapidly decreases with increase of 
distance. Between the ions the density falls to zero. From the x-ray data 
the number of electrons centred on each atom may be obtained and for the 
NaCl crystal the values are found to be sodium g-98 and chlorine 17°72, 
which closely correspond to the theoretical figures of 10 and 18 for Nat 
and Cl~- respectively. In the liquid state and in solution these substances 
have high conductivity owing to the existence and freedom of motion of 
the ions. 

The electronic energy of the ionic crystal may be obtained from the 
sum of the energies of all possible pairs of ions of like and unlike charge : 


2 
Ea phe Jeo s( 13.14) 
Vik 
where 2, and 2, represent the charges on two ions i and k, and », represents 
the interionic distances. Each value of r,, may be expressed in terms of r, 
the shortest distance between two ions of unlike charge in the crystal. We 
can then write equation 13.14, for 1 gm mol of a crystal, in the form : 


E = — NAe?*/r ... (13.15) 


where NW is the Avagadro number and A is Madelung’s constant. Different 
methods exist for the calculation of Madelung’s constant and these have 
been described by SHERMAN?!® and FRENKEL!. Values for Madelung’s 
constant for different types of crystal, calculated on the basis of 1 gm mol 
are given in Table CXLYV. 

In addition to the 
Table CXLV. Values of Madelung’s Constant for Various Crystals attraction and repulsion 
SS between the 10ns.as--ex- 


Crystal structures | Coordination number | Madelung’s constant pressed by the function 


So PaaTe a are ; — Ae?/r, repulsion forces 
odium chloride a 1°7445 also arise between the 
Caesium chloride Cs 8 Cl 8 1°76267 
Zincblende . Zn 4 S 4 1:63806 filled earn ae of 
Wurizite Zn4 S 4 1-641 the ions. These forces 
fall off very rapidly with 
Fadil es a S 4 5.03878 increasing distance from 
gre | Se 84 | ENB the ion and are some 
B-Quariz.. Si 4 O 2 4°4394 times represented by the 


expression B/r*, where n 
is sufficiently large to 
produce a considerable decrease of the function as r increases. In the 
simplified treatment of the ionic crystal, it is usual to assume that the 
repulsion term is the same for the different charged ions, hence in the 
simple cubic lattice, round each ion there are 6 ions at a distance r, 12 at 
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r1/2, 8 at r4/3 etc. The total repulsion energy of this type will therefore 


be given by : 

B ]2 8 

* (8+ capt qayt) 
Generally, within the limits of order of the calculation, it is sufficient to 
consider only the first term, t.e. to consider only the repulsion due to the 
nearest neighbours. The repulsion energy then becomes BX/r*, where K 
is the coordination number of the ion. The total energy of the crystal 
per gm mol then becomes 


E= N(— Ae*/r + BK/r*) iat ISTO) 
At the equilibrium distance when r = r,, the energy will have a minimum 
value and differentiation of equation 13.16 and equating to zero gives 


r, = (nBK/Ae*)'/—-» ad ART) 
and 
Ae® l 
ae or (1-1) ... (13.18) 


The quantity E is termed the lattice energy, and represents the energy 
required to transfer 1 gm mol cf the salt from the crystalline to the gaseous 
state in which ail the ions have a separate existence. The lattice energy 
is generally taken as the positive quantity — E. 

In equation 13.18 values of A, ¢ and r, are known. The value of n is 
generally obtained from experimental data on the compressibility of the 
crystal. The compressibility x is defined as the relative decrease in volume 
per unit of applied pressure. This may be written as 


r= yas ».. (13.19) 
where V is the molecular volume and P the applied pressure. If all the 
energy of the crystal is potential energy, dE = — PdV, and hence 

ap _«E 

dV dV? 
and combining with equation 13.19 we have, 

7 
ss oe = VxV Suwa (23220) 


V is proportional to r3, provided that the atoms remain in the same relative 
positions. Let us call the proportionality constant a, which can readily 
be found from the geometry of the crystal. £ is a function of r, as shown 
in equation 13.16 and hence the terms in equation 13.20 may be evaluated. 
It is found that 

— 4NAe?/9a?77 + n(n + 8)BK/9a?r* + ®& = Ifxar? ... . (13-21) 
If «x is measured under conditions in which r = 7,, then equations 13.21 
and 13.17 both give relationships between n and 8B and these quantities 
may therefore be evaluated. The values for n which have generally been 
used are as follows?! : for ions with an electron structure of He, 5 ; Ne, 7 3 
Ar, 9; Kr, 10; Xe, 12. Frequently the value n = 9g is used since the 
actual value is not critical. 
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Table CXLVI, The Contribution of Various Factors to the 
Latte Energy as a percentage of the Electrostatic Energy Ae*/r 


BorRN and Mayer!® 


have attempted to im- 
prove the accuracy of 


Ripsines seepulnen nae Difeense a equation 13°! 8 by 
according | according |Van der Waal’s | Zero-point cate. from hf : 
Crystal | to the law | to the law interaction energy | equation 13.18 and making certain COrrec~ 
Bjr"” | exp (-ar) by Bornand Mayr tions. ‘The additional 
NaCl 128 115 "4 08 —3 factors considered were 
Nat’ ii ae6 oe: 6 Bb a8 the van der Waal’s 
KCl 114 11°g a" 08 =2 forces between the ions, 
KBr 11-0 10°6 2°0 o7 —a the zero-point energy, 
CsI ae oe me os i238 and in place of the 


expression of the form exp(— ar). 


function B/r* they in- 
troduced an exponential 
These corrections, however, do not 


appreciably effect the values obtained as shown in Table CXLVI. 


The second column 
of Table CXLVII gives 
the lattice energies of 


Table CXLVIT. Lattice Energies 


Experimental value sor 


° heat of dissociation . 

. Calculated Experimental val 
various crystals calcu Gna \.. sacoraae MX solid = anol abt diag 
lated by the method of Born and Mayer) apt py - Born-Haber cycle 

Gas E) 
Born and Mayer. These = —— di 
values must not be Nar atk ote 
; 7 
regarded as theoretical KF. 193 ig2 
values, as the repulsion GsF 176 178 
energy has been ob- tic ae Sa. 
tained by an empirical Nac 184 181" 
method. Comparison of bc! 16 163 
these values with experi- es 15 187 
mental values for the  LiBr 190 189 
‘ i NaBr 176 17635 
heat of dissociation of KBr 162 1603 
the crystal into gaseous &ipr oo 5! he 
ions is possible only in__,,, = ods 
a few instances owing Nal 166 68 
to lack of experimental Roi 138 ne gegie 
data but the agreement CG! 143 r4it¢ 


obtained is within the 


limits of experimental error. 


An alternative method of obtaining experi- 


mental values, when the direct thermal data is lacking, is by means of the 


Born-Haber cycle. 


From thermochemical data the heats of formation of 


the solid crystalline salts of the alkali metal halides from the solid alkali 
metal and gaseous molecular halogen are known, e.g. for sodium chloride : 


Nawoua + $Clog, = NaCl ong 4H=—Q saa (i) 
We also have the following data : 
Nasous = Nagas 4AH=S 
Na, = Nat, +e 4H=I 
4Clogas = Cleus 4H =%34D 
Clas. +e = Cl. 4H=—F 
Nat,,, + Cl-. = NaClous AH=—E, 
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Summing we obtain 
Naga + $ Clogs = NaClona 4H=S+1+4+34D—F-—E, 
oe eo o fll 
Combination of i and ii gives _ 
StlIl+iD—F-—-E,=—Q 

and hence 

Ee=Q-—F+8S5+1+4+43D eae (11) 
This equation permits the calculation of the lattice energy if we know F, 
the electron affinity of the halogen atom, S, the heat of sublimation of the 
alkali metal, J, the ionization potential of the metal and D, the dissociation 
energy of the molecular halogen. These quantities are known, but to 
different orders of accuracy, and furthermore, the values should all refer 
to the same standard temperature, either absolute zero or room temperature, 
a condition which is not always fulfilled. However, the agreement between 
the calculated and observed values is sufficiently good to indicate that the 
theory developed for the lattice energy on the basis of ionic interaction is 
basically correct. 

The theory of Born and Mayer has been extended by the work of 
LANDsHOFF?’ using the methods of quantum mechanics. ‘Taking sodium 
chloride as an example, Landshoff accepts the assumption that the lattice 
consists of Nat and Cl~ ions and calculates the ionic interaction energy on 
the basis of the Heitler-London theory using the known distributions of 
electrons in the Na+ and Cl~- ions. In addition to the correction terms 
of Born and Mayer, additional interactions related to the superposition 
of the electron clouds, the attraction between electrons and nuclei and the 
mutual repulsion of electrons are incorporated. The values obtained by 
this more exact method, however, differ from the values given in Table 
CXLVII by only a few kcals, the value for sodium chloride being 183 kcals. 


INTERIONIC DISTANCES IN CRYSTALS 


The distance between the ions in a crystal is determined by the equilibrium 
between the forces of attraction and repulsion. Values of the interionic 
distances may be obtained from x-ray data. On the basis of the Born 
theory of lattice energies we have, 

r, = (nBK/Ae*)V0- .. 0+ (13.17) 
and r, is dependent on the nature of the law of repulsion, z.e. on n and B, 
the coordination number XK and Madelung’s constant A. If the same 
substance can crystallize in both a NaCl and a CsCl type lattice, then the 
equilibrium distances between the ions must be related by 


Toc a ( Kee A Wai pony ( 8 : 1-7476 . 
an oe tee eee 6 1-7627 
and when n = 9g this ratio becomes 1-036 and when n = 12, 1°207. 
Ammonium chloride, NH,Cl, crystallizes in a CsCl lattice up to a tem- 
perature of 174:3°C and above that temperature, in the NaCl lattice. 
Similar behaviour is observed with ammonium bromide (temperature of 
transformation 137:8°C) and ammonium iodide (temperature of trans- 
formation — 17°6°C). The interionic distances in the CsCl lattice are 
actually found to be approximately 3 per cent greater than in the NaCl 
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lattice. Pauling has given the following ratios of the interionic distances 
for various lattices assuming n = 9: 


K=8>K=6 7% — 1.036 “em _ 1.031 
Tac Trotile 
ee A Twartalte of sino-blende __ 9). 957 Tousrts _ 9.960 
Traa T ratile 
The equilibrium interionic distance in the crystal is not the same as 

that in the gaseous molecule (ion-pair) since in the latter the distance is 
determined only by the mutual interaction of two ions, whereas in the 
former case each ion is located in the field of all its nearest neighbours. 
The equilibrium interionic distance in the molecule (ion-pair) is obtained 
from equation 6.8 which may be written in the form 


To = (nBje*)'/e-» pate 19,22) 
From equations 13.17 and 13.19, on combining we have, 
To[To = Teryut [Tyan = (K/A)VO™ .. ++ (13.23) 


If the value of n is taken as 9, then the ratio reryu/Tgan becomes 1°18 for the 
NaCl and 1-21 for the CsCl type lattice. The experimental values obtained 
are: 1°13 for NaCl, NaBr, NaI, KCl, KBr, KI, RbCl, RbBr and RbI and 
1:16 — 1-18 for CsCl, CsBr and CsI. 

Ionic radi— The experimental determination of the interionic distance 
in crystals has led to the suggestion that in many crystals these distances 
may be correlated by assuming that each ion has a definite and constant 
radius, such that the sum of the ionic radii of two ions gives the interionic 
distance in the corresponding crystal. This concept of the additivity of 
the ionic radius is illustrated by the data given in Table CXLVII, where 
the interionic distances in the crystals of the halogen compounds of the 
alkali metals are given. The data for CsCl, CsBr and CsI, which crystallize 
with a body centred cubic lattice, are shown in parentheses. All other 
structures are of the simple cubic type. If additivity of ionic radii 1s 
achieved, the difference between the interionic distances in such pairs of 
compounds as KI and KBr, Nal and NaBr, LiI and LiBr should be 
constant since it equals the difference of the ionic radii of iodine and 
bromine. These differences are found to be very approximately constant, 
the deviations being of the order of o-1 A. We may conclude therefore 
that for the halogen compounds of the alkali metals the conception of the 
ions as spheres in contact with each other is approximately correct. 


Table CXLVIII. Verification of the Additivity of Ionic Radii in Ionic Lattices 


Cation Distance A 
Anion | Cs |Cs-Rb- Rb | Rb-K | K | K-Na, Na | Na-Li| Li 
I (3°95) | (0°29) 3°66 | O13 | 3°53 | 0-30 | 3:23 | 0-23 | 3:00 
I-Br (0-24) : 0°23 _ O24 0°25 0°25 
Br ' (3°71) ; (0°28) 3°43, | Ot4 | 3°29 | O-F1 | 2:98 | O23 | 2°75 
Br-Cl | (0°14) | 0-16 | Ors O:17 0-18 
Cl | (3°57) | (0-30) , 3:27 | 013 | 314 | 093 | 2°81 | o24 | 2°57 
CI-F | (0°57) | 0°45 0°48 0°50 0°56 
F | 3°00 0:18 | 2-82 0°16 2°66 | 0°35 2°31 0-30 2-0! 

| 
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The experimental data, however, give values only of the distance 
between two ions and therefore in order to obtain values for the in- 
dividual ionic radii certain assumptions have to be made. Where the 
anion is large and the cation small, e.g. Lil, it may be assumed? that in the 
crystal the anions touch and that the radius of the anion is half the inter- 
atomic distance. In other crystals where such an assumption may not be 
made, other methods have to be employed to determine the ionic radii. 
WASASTJERNA!® used a method based on the assumption that the molecular 
refraction of an jon is proportional to the cube of the radius. These 
values were used by GoLpscHmiIpT®® to give a systematic table of ionic 
radii. The most satisfactory method, however, is that of Pautinc?!. In 
a crystal such as KCl, the two ions K+ and Cl~ have the same electronic 
structure and differ only in the charge on the nucleus. Clearly, the K+ ion, 
which has the greater nuclear charge, will draw the electrons closer to the 
nucleus than the Cl- ion, so that the radius of the Kt ion will be smaller 
than that of the Cl~ ion. The difference in size will depend on the effective 
charges on the nucleus of the ions and Pauling proposed that for the 
isoelectronic ions, e.g. Kt and Cl-, Nat and F-, the radii are inversely 
proportional to the effective nuclear charges. The effective nuclear charge 
is equal to the actual nuclear charge, <e, minus the screening effect, Se, of 
the other electrons in the ion. Values of the screening constant, S, have 
been obtained by theoretical calculation and experimentally?!. The 
value of S for ions with the neon structure is 4:52 and the effective nuclear 
charges for Nat and F~ are thus 6-48e and 4-48¢ respectively. By dividing 
the interionic distance in the sodium fluoride crystal, 2-31 A, in the inverse 
ratio of these values we obtain the values 0-95 A for the ionic radius of 
the Nat ion and 136A for that of F-. By a similar method the values 
for Kt, Cl~ ; Rb*, Br~ ; Cst, I~ tons are obtained. Furthermore, knowing 
the ionic radius of the Kt ion and the ratio of the effective nuclear charges 
of the isoelectronic ions Kt and Ca?+, the radius for the Ca?+ ion may 
be obtained. However, using the value for the ionic radius of the calcium 
ion obtained in this way, the calculated interionic distances for the crystals 
of calcium compounds do not agree with the observed values. This dis- 
crepancy was ascribed by Pauling to the doubly charged character of the 
calcium ion and it can be considered that the value obtained by the method 
described above represents the radius that the calcium ion would have, if 
it possessed only a single, charge, 7.e. its energy of interaction with, for 
example, the Cl~ ion is — e?/r and not — 2e?/r. The dependence of the 
interatomic distance on the charge on the ion, Z, is given by the general 
form of equation 13.17 


r, = (nBK/Aze?) Ve . +. (13.24) 

For singly charged ions we have, 
r, = (nBK/Ae?)/e-» oeas(1 317) 
and hence the radii of ions with charge z and unit charge are related by 
r,[T, = Z2/00—-») » +++ (13.25) 


By this means and using the value of n given above, Pauling derived 
values for the radii of a large number of ions of different charge?? and the 
values are given in Table CXLIX. In this table we have omitted many of the 
poly-charged ions, such as Cl*+ and N5+ which are never encountered. 
The gradual variations of the radii in members of the same group and of 
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the same period are to be expected. It is interesting to note, however, 

that the radii of Cut, Agt and Aut, which possess filled d orbitals, are 

less than those of K+, Rb+ and Cst+. Similar behaviour is observed with 
Z2n**+, Cd?2+, Hg?+ and Ca?+, Sr?+, Ba?+. 

If the ionic radii are used 

Table CXLIX. Ionic Radii (A) according to Pauling to calculate the  interionic 


Lit Be2t distances in crystals of the 

060 8031 sodium chloride type, good 

7 : agreement is obtained with the 

‘oe ae ae ee experimental values for the 
salts of potassium and _ rubi- 

S- Cl- K+ Cat Cut Zn*+ dium, but it is less satisfactory 
1-84 181 133° «©0490 G6 74 —Ss ith _ the salts of sodium and 
Se «iB Rot Sr Agt Cast agreement is poor for lithium, 
1-98 1-95 1-48 113 126 og7 hus in LiCl, the experimental 
interionic distance is 2:57 A 

Te IT Cst —- Ba*t = Aut —s- Hg?*_ whereas the sum of the ionic 
gar 216 6g 13503710 yadii_ is 2-41 A, in LiBr the 


values are respectively 2-75 A 
and 2:55 A and in Lil 3-02 A and 2:76 A. In Nal the difference is 3:23 A 
and 3:11 A. On the basis of the concept of ionic radii, these discrepancies 
are explained by the fact that lithium ions are very small and occupy the 
hole formed by the packing of the large anions which are considered to 
be in contact. Thus the anions are not in contact with the cations, which 
is the basic assumption on which the conception of ionic radii rests. This 
explanation, however, is not entirely satisfactory since the interionic distance 
in lithium iodide, for example, is not twice the ionic radius of the I~ ion. 
In fact the equilibrium distance is established as a result of the balancing 
of the forces of attraction and repulsion and is not dependent on the 
dimensions of hypothetical stable spheres with radii equivalent to the 
ionic radii. 

The introduction of the concept of ionic radii must make an implicit 
assumption concerning the variation of the repulsion energy with the 
interionic distance. The curve showing variation 
of the repulsion energy with distance which shows 
a steep rise as the distance is decreased, is replaced 
by a vertical straight line parallel to the ordinate 
and at a distance from it equal to the sum of the 
radii of the two ions. Thus it is clear that the 
ionic radii have no real physical meaning. This 
may be illustrated in another way. In Figure 67 
the variation of the density of the electronic cloud \ 53 ——<—it 
with the distance from the nucleus for the Kt yi 
: ° : : istonce trom Nucleus 
ion is shown. The vertical line at 1-33 A corre- ae 
sponds to the ionic radius of K+ (1:33 A) and it Figure 67. Variation of the 
: ‘ oe se ; electron density urth distane 
is clear the electron density at this distance 1s from nucleus in potassium 
almost insignificant and the radius does not (K+) ion 
correspond to any definite limit of the electron 
cloud. On the basis of Figure 67 the value of the ‘radius’ might have been 
taken equally well at a value greater or less than 1°33 A. . 

From the above discussion it will be appreciated that the magnitude of 
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the radius assigned to a particular ion will be dependent on the particular 
lattice structure of the crystal. This fact explains the divergences which 
have been noticed for CsCl, CsBr and CsI in Table CXLVIII. The inter- 
ionic distances in body centred cubic lattices are approximately 3 per cent 
greater than the sum of the radii (Table CL), due to the calculation of 
ionic radii being made almost invariably from lattices of the sodium 
chloride (simple cubic) type. 

The wide variation of the radii of Table CL. Experimental Interionic Distances 
different ions has been considered as "4 Sums of Radti in CsCl type Lattices 
a possible explanation of the for- 


mation of different lattices, possessing Experimental | 
different coordination numbers. In Salt | distance | Sum of radii | Ratio 
the case of the close packing ofequiva- | A 
lent spheres it is possible, as we have qq) | 356 | 3:50 | 1-027 
seen, to pack twelve spheres round a CsBr | 3:72 364 | 1:022 
central sphere. If, however, the CsI 3°96 3°85 | (1-029)* 

RbI 3°75 3°64 ! 1-030 

| 


surrounding ions are larger than the 
central ion, it is not possible for it to —————_______—_—_- 
be in contact with more than eight, * Pauling’s value of the radius of the Cst ion given 
thus replacing a close packed lattice Hance in Cst and decrensed bye Sees 
by a body centred cubic lattice. The conform with an NaC! lattice. 
coordination number would thus 

appear to be dependent on the ratio of the ionic radii. This problem may 
be considered quantitatively. Let us consider the CsCl type lattice and 
let r, and r, be the radii of the anion and cation respectively. The distance 
between the nuclei when the ions are in contact will be r, + 7,, which is 
half the length of the diagonal of the cube. If the values for the radii 
are close, t.e. r,~7,, the anions will not touch. On increasing the radii 
of the anions, there is reached a limit when the anions are in contact. At 
this limiting condition the length of the edge of the cube }s twice the radius 
of the anion, t.e. 2r,, and since the ratio of the diagonal of a cube to an 
edge is +/3/1 we have for anion contact 


(r, + 7.)/2r, = +/3/2 
r./r, = V3 — 1 = 0-732 


This relationship establishes the lower limit of the radius ratio for which 
the CsCl type lattice may occur. The condition of its formation being that 
r./t, = 0°732 
If the radii are such that 7,/r, < 0°732, the cation cannot be in contact 
with eight anions, the coordination number falls to six and a lattice of the 
NaCl type is formed. In this case the distance between the nuclei of the 
anion and cation, r, + 7,, is equal to the side of the cube, and the distance 
between the nuclei of two anions is equal to the diagonal of the face of 

the cube. If all the ions are in contact, we have 


(7, +7) V2 = 


r.Jr, = /2 —1= 0-414 
This ratio gives the lower limit for the formation of the NaCl type lattice 
and the condition for its formation is therefore, 
rir, > 0-414 
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By a similar method, we may obtain the analogous expression for the 
tetrahedral structure, where the coordination number is four. This is: 


TT, = V6 — 1 = 0°225 


If r./r, < 0°225, the coordination number is reduced to three, and the 
three ions are arranged round the central ion in a planar configuration. 
The lower limiung ratio is then : 

r./t, = 2//3 — 1 = 0-155 

The significance of these critical ratios was first pointed out by Macnus?3 
for ionic complexes and later applied by GotpscHmipT”® to crystals. In 
the case of CsCl, CsBr and CsI, the value of the ratio r,/r, is greater than 
0:73. It is therefore understandable that these salts form crystals with a 
coordination number of eight. There are, however, many exceptions to 
the conditions formulated above. For example, the halides of rubidium, 
potassium chloride and potassium fluoride, which crystallize with a NaCl 
lattice, have a value of 7,/r, greater than 0-732. 

Some alkali halides which at normal pressures crystallize with the NaCl 
lattice are transformed at higher pressures into the more compact CsCl 
lattice*4.. The choice of the lattice, however, is not determined by the 
most suitable arrangement of the hypothetical spheres, but by the attain- 
ment of minimum free energy. The theoretical prediction of the type of 
lattice that is formed is made difficult by effects other than the electrostatic 
interaction, which may be decisive factors. NIAYER, and MAYER and 
Levy® calculatec for the salts of silver, thallium and copper the change 
of energy on the transformation from one type of lattice to another. These 
authors took into consideration all the terms in the energy expression. 
Unfortunately the values obtained can only be regarded as approximate 
and moreover the calculation is only correct for the crystal structure at 
absolute zero. The calculations show correctly, that for silver fluoride, 
the NaCl lattice is more stable than the tetrahedral lattice by 8 kcals and 
more stable than the CsCl lattice by 2:5 kcals. For silver iodide, however, 
the theoretical predictions are not in agreement with the experimental 
observations, a result explained by the authors on the grounds that silver 
iodide cannot be treated on the basis of an elementary ionic model. 

The concept of ionic radii is useful as a means of assisting in the deter- 
mination of structure, but in the opinion of the authors its extension to 
such structures as that of silica, with the suggestion of the existence of the 
Si4+ and O27 ions, is unwarranted. 


HALOGEN COMPOUNDS 


The crystals of the halides of copper and silver are rather different in 
their properties compared with the halides of alkali metals. In Table CLI 
are given the lattice energies calculated by electrostatic theory and by the 
Born-Haber cycle. The agreement between the values is clearly not as 
good as that indicated in Table CXLVII for the halides of the alkali metals 
and although the accuracy of the figures 1s not very great, the divergencies 
cannot be attributed to experimental error. It would therefore appear 
that electrostatic theory alone is insufficient to use as a basis for the calcu- 
lation of these lattice energies. The variation of (£. — £’) which is 
observed shows that agreement is best in the case of AgF and increases 
in the order AgCl, AgBr, AgI, t.e. in the order of decreasing electro- 
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negativity of the halogen. It would therefore appear that the discrepancies 
are due to the partial covalent character of the bond in these crystals. 
The copper salts appear to be more covalent than the silver salts, and 
the covalent character of the bond again increases in the order chlorine, 
bromine, iodine. 

AgF, AgCl and AgBr 
crystallize with a Table CLI, Lattice Energies of Silver and Copper Halides 
sodium chloride lattice 


and CuCl, CuBr, and | Pe 
Cul with the lattice | Ps ini Se 


given in Figure 62 in | | 

which copper has a By __, By electrostatic | 

coordination number of Salt electrostatic | method corrected| By Born- Difference 
‘ : method for van der | Haber cycle | Fezp — E’ 

four. This difference E Waal’s forces E’: tae 


in crystal structure of keals keals keals ~=—S—skalls 


the two salts is not Sle a ea 


. CuCl — 201 | 216 233 17 
determined by the on | 208 ons =| 80 


difference in the dimen- Guy. | 782 199 me ms 
sions of the Ag+ and AgF | 194 219 228 9 
Cut ions, since accord- 

ing to Pauling the latter 485", 174 oo fe 
has the value o-96 A, Agl ae is a a 


which is not outside the | 

limits for a sodium 

chloride lattice. The decrease of the coordination number from six to 
four and the formation of a tetrahedral configuration are more probably 
determined by the covalent character of the bonds between copper and 
chlorine. However, it is to be emphasized that the bonds are not entirely 
covalent any more than they are entirely ionic, but are of an intermediate 
type. 

At low temperatures silver iodide forms a structure in which silver has 
a coordination number of four. On raising the temperature the lattice is 
deformed so that three iodine atoms are closer to the silver atom than the 
fourth. Above 146° C a further transformation occurs to give a structure 
in which the iodine ions form a body centred cubic lattice and the silver 
ions move freely in the interstices. Owing to the free mobility of the silver 
ions, the high temperature form conducts electricity. 

The inter-atomic distances in crystals where the bond is known to be of 
an intermediate type have frequently been compared with the correspond- 
ing ionic and covalent radii. There is, however, considerable difficulty in 
arriving at these two quantities and it is doubtful whether any of the values 
recorded in the literature can be regarded without suspicion. For example, 
Goldschmidt obtained the ionic radius of the Agt ion by assuming that 
the bond in silver fluoride was entirely ionic and subtracted from the 
Ag—F distance the ionic radius of the F~ ion, thus obtaining the value 
1:13 A, which he considered to be the iunic radius of the Ag+ ion. The 
value obtained by Pauling for the ionic radius of Ag+, 1-26A does not 
agree with Goldschmidt’s value, but owing to the assumptions made 
during the course of the calculation the error may be of the order of 0-15 A. 
The covalent radius of silver is obtained on the assumption that the bond 
in Ag] is entirely homopolar and substracting from the bond distance one 
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half of the interatomic distance of I,. Clearly these calculations are very 
approximate and it is doubtful whether the values so obtained, not only 
for Agt, but also for copper, platinum, zinc, etc, are of great significance. 

In the solid state the halides of ammonium consist of NH,* and Hal- 
ions arranged in a lattice. From the value for the lattice energy it is possible 
to obtain the affinity of ammonia for a proton, by considering the following 
thermochemical processes : 


NH, + Ht = NH,t 4H = —P 
The heats of formation of crystalline ammonium salts, NH,Hal from Ng, 
H, and Hal, are known from thermochemical data ; we have 
AN, + 2H, Qoas + 4Cl, jo = NH, Clea 4H = — Q feasi(l) 
We can also proceed from the reactants to solid ammonium chloride by a 
different method : 


3No.,, + #Ho,,, = NH; 4H = —Q, 
4H, ,, =H 4H = D,/2 
H = H+ +e 4H=T1 
iC), ,, = Cl 4H = D,/2 
Cl -e = Cl- 4H =—F 
NH, + H+ = NH,*,, 4H=-P 
NHy*,, 7 Cl gan = NAyChoiia 4H= —U 
Summing we obtain, 
3No.4, + 2H > 3Cl, ,, = NH,Chyous } 


and > ... (ii) 
APD. a TED23 0. =F =P J 


From equations i and ii we obtain 
P=Q-Q,-D,/2+14+0D,/2-—-F-—U ».. (iil) 


Table CLIT gives the values of Q and U for different ammonium salts 
together with the values of P calculated by means of equation iii. It is 
interesting to notice that the values increase in the order I, Br, Cl and F, 
and that the value for the fluoride is significantly greater than the other 
values. NH,Cl, NH,Br, NH,I crystallize in lattices of the sodium chloride 
and caesium chloride type. The lattice of NH,F, however, is of the 
tetrahedral, wurtzite type. The NH,* ion is tetrahedral and in NH,F, 
the fluorine ions are arranged along the 
continuation of the direction of the N—H 
bond. The hydrogen bonds N—H.-.- -- F 


Table CLI. Proton Affinity of Ammonia 
so formed stabilize the molecule, resulting 


nai | en Ra | rd ie a a gain in energy which is respansible 
eer cities | eae or the high value of P for NH,F given 

NH,F Irtg 177°5 220 1M Table CLL. 
NH,Cl a51 153°3 i ato The halides of the elements of the 
NH,Br 64:0 147°4 3 206 second and higher groups of the periodic 
NH, |; 486 143°6 : 201 classification are evidently not ionic com- 
| Average | pounds in view of the improbability of the 


| ce formation of poly-charged ions such as 
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Al3+. We would therefore expect that the bonds in such crystals would 
possess considerable covalent character. It is not possible to determine 
the nature of the bond directly from the melting point of the crystals as 
will be apparent from the following discussion. The melting points of 
several fluorides are given in Table CLIII; the values for LiF, BeF,, NaF, 

MgF, and AIF, are 


Table CLIII. Melting Points of some Fluondes °C very much higher than 
7 those of the remainder 
LiF | BeF, | BF, CF, NF, OF, F, ofthe compounds. Such 


842 Boo | —127 | <—15 | <—2t0 | <—146 |—-233 a sharp change in the 
melting point as indi- 
cated by these data 
cannot be regarded as 
evidence as a transfer 
fron: one limiting type of bond to the other, since the substances differ 
from one another in the type of lattice formed. The fluorides of sodium, 
magnesium and aluminium all crystallize in coordination lattices, the 
coordination number of fluorine being six in NaF, three in MgF, and 
two in AIF,. In these crystals, as in all coordination lattices, there cannot 
be any suggestion of individual molecule formation. In the process of 
melting, chemical bonds are broken, and the melting point is therefore 
high. In the case of the fluorides possessing low melting points, molecular 
lattices are formed in which separate molecules are held together in the 
crystal lattice by van der Waal’s forces. In the process of melting it is 
these forces which are overcome by the thermal energy of the molecules 
and the nature of the bond between the element and halogen have little 
influence on the melting point. The character of the bond in these com- 
pounds will vary with the nature of the electropositive element. In LiF, 
BeF,, NaF and MgF, the bond is essentially ionic. In BF, and AIF, there 
will be resonance between the ionic and homopolar states and in CF,, 
NF,, OF, and F, the contribution of the covalent form increases considerably. 


NaF | MgF, | AIF, | SiF, | PFs 
980 | 1,400 | 1,040 —77 — 160 


aaa a Table CLIV. Melting Points of Chlorides and Electrical 
possib €, therefore, to Conductivity of the Fused Salts 

determine the nature of: ——————_—_—— 
the bond from the melt- HC] | Lic) NaCl KCI RbCl GsCl 
ing point, it is evident 7 °C —114| 606 800 768 717 645 
that the bond type is ohms! | 1o~* | 166 134 104 78 67 
er ee a oa BeCl, MgCl, CaCl, SrCl, BaCl, 
mining t € type Ol 7¢ 404 718 774 870 g60 
lattice. The greater the } ohms! 0-066 29 52 56 65 
lonic character of the ee ee 

bond, the more probable ; BCl, AICI, ? GaCl, | InCl, | TICI, 
he Poca pq FC —107 <183 755 | 586 | 25 
is the formation of a 4 g4ms-1 5 13¥ 10-8 1077 14-7 | 1073 
coordination lattice. | 
Table CLIV gives the eee 

melting points of siicdeinataieal 


various chlorides, together with their electrical conductivity, 4, in the fused 
state. There is an obvious correlation between the two properties ; 
chlorides with high melting points have a high conductivity and those 
with low melting points, low conductivity. It is, however, important to 
observe that there is a much greater difference in the conductivities of the 
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corresponding elements of the first and second periodic groups than in 
their melting points. This evidence clearly indicates a type of bond which 
is less ionic in the second group elements compared with the first. In 
diamond, the bond between the carbon atoms is homopolar. Nevertheless, 
since the carbon atoms form an infinite network of carbon atoms arranged 
tetrahedrally, the melting point is extremely high. Thus we may conclude 
that the melting point of a crystal is, to a very large extent, a characteristic 
of the type of lattice formed and not of the nature of the bond between 
the atoms. 

Certain metals, such as thallium, may give rise to two zero valent ions 
with different charges, e.g. Tl+ (5d!° 6s?) and T13+ (5d!°). In the mono- 
halides of thallium, according to Mayer and LeEvy®, van der Waal’s 

forces contribute a significant 
Table CLV. Lattice Energies of the Thallium Halides amount, approximately 30 


kcals, to the lattice energy. 


Calculated value is i i . 

by the method of | Calculated by| Van der Waal’s ee ee is taken gi snes 

Sali’ | Boraond Mayer| Born’s cycle pellet sideration, agreement between 
keals keals keals the calculated and experimen- 
|__| tal values of the lattice energies 

a ei ips 28 is obtained (Table CLV). This 
TI eH ce a result would tend to indicate 


that in these compounds the 
bond between thallium and 


halogen is largely ionic. In 6 
the temhal ogen compounds, Table CLVI. Electrical Conductivities of Halides 


however, the experimental 


‘ Energy of Electrical 
evidence tends to show that emission of one Boiling point conductivity of 
the bond possesses greater Salt electron from of chlorides —_| fused chlorides 
homopolar character, ¢.g. metal kcals °C ohms» 
the electrical conductivity aaa 

InCl 
data (Table CLVI) clearly jnci, re "a6 
shows that in the fused state TICI | 140 46°5 
InCl, TIC], SnCl, and PbCl, T!Cls 430 o 
have a higher ionic charac- 

SnCl 6 21. 
ter than InCl,, TICI,, SnCl, Sncl. | Sos ae 2 
and PbC],. PbCl, | 257 954 40°7' 

A study of the subhalides PbCl, | 554 105* <2 xX 1075 


of the alkaline earth metals : 

has been made by Guntz pies oa 

and Benoir?®, The heats of formation of CaCl, SrCl and BaCl are as 
follows: 


Ca + CaCl, = 2CaCl AH = — 2-7 kcals 
Sr + SrCl, = 2SrCl 4H = — 146 kcals 
Ba + BaCl, = 2BaCl 4H = — 16:5 kcals 


If the subhalides form entirely ionic lattices, then it follows that the 
lattice energy of SrCl would not be greater than the corresponding 
value for RbCl. If this were so the reaction Sr + SrCl, = 2SrCl 
would occur with the absorption of 112 kcals whereas it actually 
occurs with the evolution of 14°6 kcals. Such a large discrepancy cannot 
be due to experimental! error and it can only be concluded that the simple 
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ionic structure does not give rise to the entire lattice energy, it being 
possible that the unused valency electrons of the Sr+ ion give rise to a 
bond of the type occurring in metals. The data on the subhalides are, 
however, very incomplete. 

CdI,, PbI, and NiCl, crystallize with layer lattices of the CdI, type. 
A layer lattice of a somewhat different type is given by MgCl,, ZnCl,, 
CdCl,, MnCl,, FeCl, and CoCl,. The layer lattice must be regarded as 
a transitional type between the coordination lattice and the molecular 
lattice. Each infinite layer represents a large coordinate molecule in which 
the bonds between the atoms will be a resonance hybrid of the covalent 
and ionic forms. The layers will be bonded by van der Waal’s forces. In 
contrast to the halides discussed here, the fluorides of some elements, where 
the bond is largely ionic in character, give lattices of the CaF, and TiO, 
type. 


HYDRIDES, OXIDES, HYDROXIDES AND THE ANIONS 
OF THE OXYACIDS 


The hydrides of the alkali metals in the solid state are salt like compounds, 
constructed from the ions M+ and H°™ as indicated by the electrical con- 
ductivity of the fused compounds in which hydrogen 1s liberated at the 
anode. x-ray data show that the crystal lattice is of the sodium chloride 
type ; the interionic distances are given in Table CLVII. The calculation 
of the lattice energy by equation 13.18 is not possible owing to the absence 
of data on the compressibility of the hydrides, but the electron affinity of 
hydrogen (16-4 kcals) has been calculated by ; 

the methods of quantum mechanics, and the se rie mer! Enso ot the 
knowledge of this value permits the calcu- paride a) the Aina MAG 

lation of the lattice energy by the Born-Haber ~ 
cycle (third column of Table CLVII). A Hydride — Interatomic | Lattice energy 


quantum mechanical calculation of the | distance A | keals 
lattice energy of LiH has been made by [iy | 2-04 220 
HyYLieraas?’ who obtained the value 219 NaH | 2-44 193 
kcals, in excellent agreement with the value KH | 2°85 165 
obtained by the Born-Haber cycle, 220 kcals. AS! 3°02 ie 
The value obtained for the  interionic ne 2 


distance was 2:20A, compared with the 
observed value of 2-04 A. 
From the heat of formation of solid LiH, 


| ee + 4H => Lise 4H =, 21°6 kcals 


and the heat of formation of the gaseous molecule, it is possible to determine 
the heat of sublimation. The value obtained is 55 kcals, but the value of 
the dissociation energy of the gaseous molecule is not known accurately, so 
that this value has no great significance. If, however, it is of the correct 
order of magnitude, the high value would suggest that LiH forms a co- 
ordination lattice. 

The oxides of the alkaline earth metals crystallize in a sodium chloride 
lattice although in SrO and BaO the radius ratio is greater than 0°732. 
It has been proposed that the crystals are constructed from the ions M?+ 
and O2-; the electron affinity of the oxygen atom calculated on this 
assumption by the Born-Haber cycle for the different oxides give rather 
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divergent values (Table CLVIII, column three), a result which may be 
interpreted as indicating that the bond is not entirely ionic. A more 
accurate calculation of this affinity by Mayer and Matrtsir?’, taking 
into account the van der Waal’s forces and the zero-point energy, shows 
an even greater range of values, from — 1go to — 144 kcals. 

If it be assumed that the average of the values given in column three of 
Table CLVII, viz — 166 kcals, is the affinity of the oxygen atom for two 
electrons, it is possible by means of the Born-Haber cycle to determine the 
lattice energies of other oxides and to compare them with the values 
calculated by equation 13.18. The values obtained are given in Table CLVILII 
and although the agreement is good in certain cases, in others there is a 
wide discrepancy, indicating the inadequacy of the simple ionic theory. 
The data suggest, however, that the crystals of Li,O, K,O and Na,O are 
ionic ; these oxides crystallize in an anti-fluorite lattice (Lit replace ae 
ions and O2- replace the Ca**+ ions in the fluorite lattice). 


Table CLVIII, Lattice Energies of Metallic Oxides in keals 


3,613 


) ) | 
Lattice | Affinity | Lattice | Lattice || | Lattice | Lattice 
energy | of oxygen |, | energy | | _ energy energy 
Oxide | calculated atom | Oxide calculated | calculated |, Oxide | calculated | calculated 
by equation | for two by equation | by Born- by equation | by Born- 
13.18 + electrons | 13.18 | Haber cycle | 13.18 | Haber cycle 
| a) ——— | —_— OO 
MgO 940 175 | Li,O 695 692 f Cu,0 | 644 788 
CaO 842 —171 || MnO gi2 929-~—s i. Ag,O | 585 714 
SrO 791 —150 | FeO | 944 937. i: CdO | 867 913 
CoO | 950 |; 963 | 
| NiO | 968 965 | SnO, | 25734 2,812 
BaO v | —157 [eon | 977 | | 


964 | PbO,; 2,620 | 2,829 


In its compounds, 
oxygen shows a wide 
Coordination | range of coordination 

{ 


of oxygen ers numbers (Table CLIX). 
easy aaa ——— Na,O, K.O SSS ae Te higher coordination 
6 | CaO, MgO, SiO, BaO, CdO, MnO, FeO, CoO, NiO numbers will be deter- 
4 | ZnO, BeO, PbO, SnO, PtO, PdO, Cu,0, Ag,O mined by the ratio of the 
3 


Table CLIX. Coordination Number of Oxygen in Oxides 


TiO,, MiG mG Gio to cto. MoO: WO; radii of the participating 
S0,. GeO, ions, but the lower co- 
ordination numbers will 
be due to an increased contribution of the covalent structure to the bonds 
in the crystal. 

The x-ray and electron diffraction data reveal that the ZnO crystal is 
intermediate between the coordination lattice and a molecular lattice. 
The general structure is tetrahedral, the zinc atom being surrounded 
tetrahedrally by four oxygen atoms. The structure, however, is not regular, 
the zinc atom being located not at the centre of the tetrahedron but nearer 
to one oxygen atom than to the remaining three. Furthermore, the elec- 
tron density diagram shows that the electrons are not arranged symmetrically 
around the zinc and oxygen atoms as if all were in the ionic form, but 
there is an increased density between the zinc atom and the nearest oxygen 
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atom*®, It would therefore appear that the bond between the zinc atom 
and this oxygen has considerable covalent properties. In a similar manner 
in the sesquioxides, Al,O3, Fe,O3, Cr,O3, Tig03, W203 and Ga,Osg, it is 
possible to distinguish a molecular group e.g. 


Sf 
Al—O—AI 


in the crystal lattice. In these examples the lattice, although primarily 
ionic, does show a trend towards the formation of molecular groups and 
the lattices must therefore be regarded as inter- 
mediate between the coordination and mole- 
cular types. 

The oxides of antimony (senarmontite) and 
arsenic (arsenolite), to which the formulae Sb,O, 
and As,O, are normally ascribed, give mole- 
cular lattices consisting of packed Sb,O, and 
As,O, molecules. In these molecules, the six 
oxygen atoms form an octahedron (Figure 68), 
and the atoms of arsenic and antimony are 
located outside the octahedron on the perpendi- 
culars from the centre of every other face. Thus Figure 68. Structure of the 
eacli atom of arsenic (or antimony) forms a As,O, molecule 
pyramid structure with three oxygen atoms, 
corresponding to the three p electrons of arsenic or antimony. The 
AsO bond distance in the crystal is 2:01 A, and the SbO distance 
2:22 A. In the gaseous state, the structure of molecules AssO, and Sb,O, 
is retained, although the AsO distance is less, being 1-80A and the 
As—O—As angle is 126° compared with a tetrahedral angle in the solid 
state®®°, In the bonds between arsenic and oxygen, resonance between the 


homopolar As—O and the ionic SAstOmstructures will occur. The 


contribution of the ionic form is probably of significance cven though 
the structure is mainly homopolar, since the alternating charges produced 
throughout the structure will increase the stability. In the crystalline 
state the contribution of the ionic form will be increased by mutual in- 
duction between the molecules, compared with the molecule in the gaseous 
state. This is the probable cause of the deformation of bond angles and 
bond distances on crystallization. It is clear from the experimental evi- 
dence discussed above, that the poly-charged ionic states of arsenic and 
oxygen viz As*+ and O2- make no contribution to the structure of the 
molecule. 

The separate As,O, and Sb,O, molecules are arranged in the crystal 
in a diamond structure, the distance between the oxygen atoms of the 
neighbouring molecules being 2-8 A. This value is smaller than usual for 
a molecular crystal and the closeness of the packing is evidently due to 
strong dispersion forces. In addition there will be some electrostatic 
interaction of arsenic and oxygen atoms of different molecules. These 
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strong intermolecular forces are responsible for the melting point being 
unusually high for a molecular lattice (Sb,O,, 656° C). 

The structure of hexamethylenetetramine, C,H,.N, is similar to that of 
As,O, and Sb,O,. The nitrogen atoms occupy the corresponding position 
to that of the arsenic atoms and the CH, groups correspond to the oxygen 
atoms. The structure of P,Og, is also similar, and in P,O,, each phos- 
phorus atom is bonded to four oxygen atoms, so that the structure resembles 
that of P,O, (As,O, type), but with an additional oxygen atom located 
on the same perpendicular from the octahedral face as the phosphorus 
atom, but farther away from the centre of the molecule. The fourth PO 
bond is different (interatomic distance = 1-39 A) from the other three, 
resonance occurring between the structures : 


—O sO) 
~ BN 
—O—P=O —O—P+ — O- 
ee ae 4 
O O 


The structure of P,O,S, is similar, the PS distance being 1-85 A. 

In a second modification of Sb,O, (valentinite), BUERGER and 
Henpricks?! have concluded that the crystal consists of endless chains of 
atoms joined by homopolar bonds : 


fe 


7 


The SbO distance is 2-00 A, i.e. less than in senarmontite, the Sbh—-O—Sb 
angles are 132° and 116° and the O—Sb—O angles are 81°, 93° and 99°. 
The monoxides of lead and tin, PbO and SnO, 
form layer lattices?*. Each oxygen atom is sur- 
rounded tetrahedrally by four atoms of the metal. 
The PbO distance is 2-30 A and the SnO distance 
2:21 A. For the distance between the metal atoms 
the following values have been obtained : 
Pb—Pb (in one layer) 3:95 A 
4, Pbh—Pb (in different layers bonded by 3:82A 
van der Waal’s forces) 
Pb—Pb (inthesamelayer butseparated 3-67A 
by an oxygen atom) 
In SnO the corresponding values for the Sn—Sn 
distance are 3-80 A, 3:70 A and 3:51 A res- 


@ Pd Oo pectively. 
Figure 69. Palladium oxide The structure of the PtO and PdO crystals*? 
(PdO) lattice (Figure 69) are of considerable interest. Four 
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oxygen atoms (open circles) are arranged round each platinum or 
palladium atom (black circles) in a plane, thus forming a rectangle 
(almost a square). This arrangement of bonds is shown in the following 
chapter to be characteristic of these metals in this valency state. The 
oxygen atoms are surrounded by four atoms of the metal which are 
located at the apices of a rather deformed tetrahedron. The configuration 
of the atoms is determined by the direction of the covalent bonds of 
platinum and palladium. The Pt—O distance is 2-02 A and the Pd—O 
distance 2:01 A. It is very probable that CuO has the same configuration. 

The hydroxides of the metals give layer lattices. The layers of crystalline 
LiOH consist of three sheets of Li atoms and OH groups, the, Li atoms 
lying between the two sheets of OH groups and in such a way that each 
Li atom is surrounded by four OH groups : 


x ® x ® x ® 
x Li atoms 
O x O x ) x 
e OH groups below sheet 
X e x e x e of Li atoms 
O x O x O x o OH groups above sheet 


of Li atoms 

Mg(OH),, Mn(OH),, Ca(OQH),, CGa(OH)., Co(QH),, Ni(OH), and 
Fe(OH), all form lattices of the CdI, type in which each layer consists of 
two parallel sheets of hydroxyl groups, between which is located the layer 
of metal atoms. The hydroxyl groups of different layers form a close 
packed layer in which each hydroxyl group from one layer is surrounded 
by three hydroxyl groups of the other. The structure of Al(OH), is 
similar to that of Mig(OQH), but two aluminium atoms take the place of 
three magnesium atoms, which causes a rearrangement of the sheets of 
atoms in the layers. The mutual arrangement of the layers, however, is 
quite different, each hydroxyl group of the upper layer being directly 
above that of the lower layer. 

Hydrogen bond formation may play an important part in the stability 
of the hydroxide lattices. In LiOH the bond between lithium and the 
hydroxy] group is almost entirely ionic. This will reduce the ionic character 
of the OH bond since the structures Li—O-H?+ and Lit O?- H+ are much 
less probable than the form Lit O-—H. A similar argument will apply 
to Mg(OH),, and this effect will tend to reduce the possibility of hydrogen 
bond formation. In Al(OH), the 
conditions for the formation of hydro- 
gen bonds will be more favourable, 
and the layers of B(OH), molecules ‘ 
in boric acid are strongly linked by Aydroxide | Distance | Hydroxide | Distance 
hydrogen bonds, since resonance may A A 
occur between the forms B—O~ Ht, sion 3°61 | Fe(OH), 3-06 
B—O—H and Bt O-—H. The Mg(OH), | 3-22 |; Cd(OH), 2-98 
distances between the hydroxyl Ca(OH). | 3:22 | Zn(OH), | 2°83 


Table CLX. The O-++++O Distance 
in Hydroxides 


groups in the various hydroxides 
are given in Table CLX; these CotOH), B(OH), : ad 
values enable the effect of hydrogen Ni(OH), | 3:10 | 

bonding in these structures to be | : 
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assessed, since the shorter the distance the greater is the hydrogen 
bonding. 

The salts of the oxyacids contain anions such as SO,?-, NO,-, CO,?~ 
etc, and in the crystal lattices these ions exist as separate structural units. In 
Table CLXI the structure of these ions is given as determined from x-ray 
analysis. The directional characteristics of the bond in such ions have been 
discussed in Chapter 4. The structure of the salts of iodic acid, MJO 3, was 
at one time regarded as consisting of IO, and MO, octahedra, the bonding 
in the latter case being entirely ionic. The data of Rocers and HELMHOLz 
for periodic acid, however, has established the fact that in the crystal the 
IO ion exists as a unit, the ion having a pyramidal structure, the O—I 
distance being 1-80 A and the O—-I—O angles having a value between 96° 
and 101°. At considerably greater distances from the iodine atom there 
exist three other oxygen atoms (the values being 2°45 A, 2:70 A and 2-95 A). 
The six atoms of oxygen formastronglydistorted octahedron. The threeshort 
I—O bonds are evidently largely covalent and the O—I—O angle is that 
characteristic for bonds. For this ion the following structure is suggested 


O= 
[2+_0- 
-O 

; : The bond between 
Table CLXI, Some Ionic Configurations jodiné: and) dhe: snore 
Triangular ions (p) : distant oxygen atoms is 
NO, Clo, considered to be due to 
electrostatic attraction 
Pl ° (sp?) : . . : 
ae saa ena ears (p Oe the distances being too 
great for a_ covalent 
cS TAAN NOR NB) : 7 bond and too short for 
SO; ClO; BrO; van der Waal’s forces. 
Tetrahedral ions (sp) : This view is confirmed 
SiO,- CrO,7- WO,2- MoO,2- MnO, by the I—O—TI angle 
PO,’- SO? SeO.* Clo Os _ which is much greater 
ReO, VS, AsS, SnS, BeF, BF, (114°—138°) than the 


normal valency angle of 
oxvgen. The distance between the oxygen atom of one IO,~ ion and the 
two oxygen atoms of a neighbouring ion is 2-78 A and in this triangular 
zone is located the hydrogen atom which will form two hydrogen bonds with 
the neighbouring oxygen atoms. 


O 
oH, 
Oo 60O 
SILICATES 


In silica and the silicates, each atom of silicon is surrounded tetrahedrally 
by four atoms of oxygen. This structure is in agreement with the tetra- 
valency of silicon and with the directional character of the four sp? hybrid 
bonds. In such an SiO, group, only one of the two valencies of oxygen 
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are used, and two possible structures may therefore exist ; either the 
oxygen is present as a monovalent ion —O~-, or forms a second covalent 
bond with another silicon atom. The various possible combinations of 
these two forms of oxygen are responsible for the complex structures of the 
silicates. In silica, the four oxygen atoms of an SiO, group are all bonded 
covalently to four other silicon atoms, each oxygen thereby forming a 
bridge between two atoms of silicon. An infinite network is thus built up 
and the different possible ways of grouping the SiO, tetrahedra are 
responsible for the six different crystalline forms of silica mentioned 
above. Thus in silica the coordination numbers of silica and oxygen, viz 
four and two respectively, are identical with the number of bonds. These 
bonds, however, being between two unlike atoms, are not homopolar as 
in diamond, and in addition to the homopolar structure 


—Si—O—, the ionic state —Sit O-— 
a A 


will contribute to the resonance of the molecule. Such a structure as that 
given below, having alternate positive and negative charges, 


t 


| | | | 
O—Sit—O- +Si—O — Sit O-—Sit— 


| 
O- -O O o 
| | 
—Sit+ O-—+Si—O- +Si —O- Sit— 
| | | | 


would increase considerably the stability of the molecule. An indication 
that such structures do in fact contribute to the resonance of the molecule 
is given by the fact that the Si—O—-Si angle is very much greater than the 
normal value for the valency bonds of oxygen (theoretically go°) and is 
close to 180°, the value depending on the type of lattice. The coordination 
numbers of silicon and oxygen, however, are not determined by the close 
packing of ions but by the valency of the uncharged atoms. If silicon and 
oxygen existed respectively in the form Sift and O2-, each ion would 
possess ten electrons and Bracc*™ has shown that this does not agree with 
the x-ray diffraction data. Bracc and WestT®* have shown by Fourier 
analysis that in beryl (Be,Al,Si,O,,) it is possible to ascribe 12-47 electrons 
to the silicon atoms and 8-95 electrons to the oxygen atoms. Even though 
these results are not very accurate owing to experimental difficulties it is 
clear that the silicon and oxygen atoms are closer to the Sit and O7 ionic 
states than to the Sit and O2- states. In confirmation of the partial 
covalent nature of the SiO bond, Britt, HERMANN and Peters*® have 
shown that in silica the electronic density does not fall to zero between 
the atoms, as in NaCl, but only to a minimum value of 2:25 electrons per 
A?. This value is less than that to be expected if the bond were homopolar 
and on the basis of the above evidence it is fairly certain that the SiO 
bond in SiO, is intermediate between the homopolar and the ionic. 

The very great difference between the crystal structure of SiO, and 
CO, is of particular interest. Although carbon and silicon belong to the 
same group of the periodic table, the crystal lattices are quite different. 
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The CO, lattice is molecular and possesses typical properties of such a 
lattice, for example, it possesses a low heat of sublimation, as sublimation 
occurs at — 79° G. SiO, on the other hand, forms an infinite lattice in which 
there are no separate SiO, molecules and the melting point is 1,625° C. 
The energy of the single C—O bond is 75 kcals compared with the appre- 
ciably higher value for the SiO bond of 89 kcals which is the result of the 
greater electropositive character of silicon (the ionization potential of 
silicon 1s 70 kcals less than that of carbon) which causes an increased 
contribution from the Sit O- ionic state. The heat of formation of gaseous 
CO, is 336 kcals and of gaseous SiO,, 322 kcals. The heat of formation 
of a molecular lattice of SiO, molecules would therefore be approximately 
330 kcals, the van der Waal’s forces being assumed to be 8 kcals, whereas 
the heat of formation of the coordination lattice is 4 x 89 = 356 kcals. 
The latter form, with the greater heat of formation is thus the stable 
modification. For CO, on the other hand the heat of formation of the 
molecular lattice, 342 kcals (heat of sublimation is 6 kcals), is greater than 
that of a coordination lattice of the silica type, which has the value 
4 X 75 = 300 kcals. 

We have already pointed out that the two forms of oxygen in which 
it is divalent, and monovalent and singly charged, are responsible for the 
wide number of silicates. The crystal of silica, in which the oxygen atoms 
are divalent form one extreme structure, and the so called orthosilicates 
in which the silicon and oxygen atoms form a tetrahedral ion possessing 
four negative charges : 


O- O- 
NSH 
Si 
oN 
O- O- 


forms the other extreme. In this ion the Si—O distance is 1-6 A and the 
distance between two atoms of oxygen is 2-6 A. The ions are held in the 
lattice by the electrostatic attraction with the cations which exist between 
the close packed (SiO,)4~ ions and the distance between the oxygen atoms 
of different tetrahedra varies from 2-8 to 2-9 A. Typical silicates of this 
type are Mg,SiO, and Fe,SiO,. The oxygen ions are arranged in an 
approximate hexagonal close packed structure, each silicon atom being 
surrounded by four oxygen atoms. ‘The ions of magnesium or iron are 
arranged so that they are surrounded by six oxygen atoms. One might 
thus describe the structure of these silicates as a hexagonal close packed 
structure of oxygen ions, in which the tetrahedral holes were filled by 
silicon atoms and the octahedral holes by magnesium or ferrous ions. In 
zirconium orthosilicate a different structure arises in which each zirconium 
ion, Zr*+, is surrounded by eight oxygen atoms, four at a distance of 
2-05 A and four at 2-41 A. 

In the silicates containing hydroxyl groups, the latter are not bound to 
the silicon atoms. For example, in enclase, BeAlSiO,(OH), there are 
independent (Si0,)4~ ions and OH™~ ions. Thus each aluminium ion is 
surrounded by five oxygen atoms and one hydroxyl group and each 
beryllium ion is located between three oxygen atoms and an hydroxy] group. 

In addition to these two limiting cases, intermediate structures occur in 
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which oxygen atoms may be 
shared between two tetrahedra 
(Figure 70). Thus in the ion 
(Si,0,)®- one oxygen atom is 
common to two tetrahedra : 


O- O- (Sio, 7 (Si,0,)" (Si0,)°” 


~ 
O-—si—O—Si—O- 


Va x 
O- O- 
In this structure the oxygen atoms esi 
are not all in identical valency : Oo 


states. The six outer oxygen 

atoms are singly charged and 

monovalent, whereas the seventh, 

central oxygen atom is divalent. 

Such an atom is sometimes termed (Si.0,,)"" (Si.0,.)?° 

° ° ° ° a2 618 

inactive and in the lattice the 

cations are located nearer to the — Figure 70. Structure of silicate ions formed from 
active, i.e. negatively charged (SiO,)*~ tetrahedra 

atoms, thantotheinactive. Three, 

four or six SiO, tetrahedra may be united inring structures to form the ions 
(Si,0,)- which occurs in benitoite, BaTiSi,O5, (Si,O,,.)®— and (SigO,,) #2- 
which occurs in beryl, Be,Al,Si,0,,. The structures of these ions are 
shown in Figure 70. In addition to the cyclic structures, infinite chains of 
SiO, tetrahedra may be formed (Figure 71) such as occur in the pyroxenes, 
CaMg(SiO,),._ In such a chain, each tetrahedron has two active and two 
inactive oxygen atoms and such chains may be represented by the empirical 
formula (SiO,),2-. It is important to realize that there is no separate 
(SiO,)?- anion, the position being similar to that of the SiO, group in 
silica. The individual covalently bonded chains will be held together in 
the lattice by the cations spaced between the chains. In the amphiboles, 
e.g. (OH),Ca,Mg,(Si,0,),, two pyroxene are joined together with a 
common oxygen atom (Figure 72). In this structure, some of the SiO, 
groups have three inactive oxygen atoms and others only two, the structure 
may be represented by the empirical formula (Si,O,),°~. Such minerals 
as the pyroxenes and the amphiboles readily cleave between the chains, a 
process which does not involve the breaking of any covalent bonds. Further 
polymerization of the SiO, groups produces infinite layers in which in 
every SiO, tetrahedron, three oxygen atoms are inactive and only one active. 


@Si © © e Si Oo 
Figure 71. Chains formed from (SiO,)‘- Figure 72. Sheets formed from 
tetrahedra (SiO,)*- tetrahedra 
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Such layer type structures are present in mica, (OH),KMg,(AISi,O, 9) 
and talcum, (OH).Mg3(S1,0,9) which are characterized by the ease in 
which they spht into layers. 

In the aluminosilicates, e.g. felspar, NaAlSi,O, and zeolite, NaAJSi,Og, 
the aluminium may be present in either of two forms. In the first, 
aluminium may function as a cation, with a coordination number of six 
and in the second it may replace silicon from the SiO, tetrahedron thereby 
having a coordination number of four. The first type is illustrated by the 
mineral Ca,Al,S1,0,,, which belongs to a sub-group of the granites and in 
which the separate (SiO,)4~ tetrahedra are held together in the lattice by 
aluminium ions (coordination number 6) and calcium ions (coordination 
number 8). In this structure each oxygen atom has as its nearest neigh- 
bours one atom of silicon, one aluminium ion, and two calcium ions. In 
sillimanite, Al,SiO,, the aluminium occurs in the form of cations in 
oxygen octahedra (Al—O distance 1-9 A) and also alternates with silicon 
in oxygen tetrahedra (Al—O distance 1:7 A). In the tetrahedra, the bonds 
will possess more covalent character than in the octahedra. 

Germanium oxide, GeO, differs from SiO, in that in addition to a 
quartz type structure in which the coordination numbers of germanium 
and oxygen are respectively 4 and 2, there exists a second modification 
with a rutile structure (coordination numbers respectively 6 and 3). The 
reason for the formation of the second structure is not clear, but it may 
be due to an increased contribution from the ionic form of the GeO bond. 

Ions with an infinite chain structure, analogous to that occurring in the 
silicates, are formed by the borates, e.g. CaB,O,. Each boron atom is 
surrounded by three oxygen atoms, all four atoms being in one plane. 
Two neighbouring boron atoms are joined through a common oxygen 
atom with the result that an infinite chain, having the empirical formula 
(BO,),~ is formed riz 
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which is probably stabilized by resonance involving the structure con- 
taining tetravalent negatively charged boron : 
O 


\ 
B-—O 

/ 

O B—O- 

\ / 
B—O 

Ze 

-O 


The BO distance in CaB,O, is 1-36 A; in K,B,O, the distance between 
boron and an inactive oxygen atom is 1:38 A and between boron and an 
active oxygen 1°33 A, the smaller valuc in the latter being due to the 
parual double bond character of the link. 

On cooling fused SiO,, B,O, or certain silicates, glasses are formed in 
place of the corresponding crystalline state. Glasses as distinct from 
crystals, give a diffuse x-ray pattern indicating a lack of an ordered structure. 
This arises not from a loss of the symmetry of the SiO, tetrahedra but 
from the random manner in which they are joined together. This may be 
illustrated by reference to the planar BO, group. In the crystal the groups 
are bonded together to form idenucal repeating units, whereas in the glass 
there exists a variety of ring structures containing different numbers of 
BO, groups (Figure 73), in which the O—B—O angle is preserved but the 
B—O—B angle may be changed. 


2 


Figure 73. (a) Two-dimensional crystal \b) Two-dimensional glass 


The difficulty in transforming a glass into a crystal is due to the funda- 
mental characteristics of the Si—O and B—O bonds. These are covalent 
and therefore directional. A change of a glass-like structure into a crystal 
would thus involve the breaking of covalent bonds, followed by a molecular 
rearrangement and the reformation of the bonds. Such a process requires 
considerable energy of activation and therefore those bonds which already 
exist in the liquid state are retained on solidifying and in this sense the 
glass may be regarded as a supercooled liquid. In ionic compounds e.g. 
MgO there also occurs a disordered grouping of the ions in the liquid 
and in the rapidly cooled solid. But since electrostatic forces are not 
directional a disorder-order reaction can take place vielding, at equili- 
brium, an ordered structure. Substances which may give rise to glass 
formation are those which have a three dimensional infinite lattice struc- 
ture ; orthosilicates, on the other hand, rarely give glasses®’. 


339 


THE STRUCTURE OF MOLECULES 


SULPHIDES AND SOME OTHER COMPOUNDS 


In the sulphides, selenides, tellurides and arsenides, all types of bond, 
ionic, covalent and metallic occur. The compounds of the alkali metals 
with sulphur, selenium and tellurium form an ionic lattice with an anti- 
fluorite structure and the sulphides of the alkaline earth metals form ionic 
lattices with a sodium chloride structure. If in MgS, CaS, SrS and BaS, 
the bond is assumed to be entirely ionic, the lattice energies may be 
calculated from equation 13.18 and from these values the affinity of sulphur 
for two electrons obtained by the Born-Haber cycle. The values obtained 
vary from -- 71 to — 80 kcals and if van der Waal’s forces are considered, 
from — 83 to — 102 kcals. 

The type of lattice formed by a particular compound does not necessarily 
define the character of the bond. Thus, although PbS, PbSe and PbTe 
crystallize with a sodium chloride type lattice which is normally associated 
with a purely electrostatic force between the ions, these compounds possess, 
in some part, the properties of a metal®. 

Among compounds of this type, zinc blende and wurtzite structures 
often occur viz, (BeS, BeSe, BeTe, ZnS, ZnSe, ZnTe, CdS, CdSe, CdTe, 
HgS, HgSe, HgTe, MgTe, AIN, AIP, AlAs, AlSb, GaP, GaAs, GaSb). 
In these structures where the coordination number is 4, the bond is pre- 
dominantly covalent, as we have seen previously. 

The type of lattice is not always determined by the radius ratio. For 
example, the ratio of the ionic radii in CaS and CdS is identical (0°53) 
but nevertheless CaS crystallizes in a sodium chloride lattice and CdS in 
a zinc sulphide tvpe. Similar behaviour is observed with the corresponding 
tellurides. For sulphur, nitrogen and their analogues where the valency 
state of nitrogen is sp* 


Xe FH 
N+ 
7. XS 
and of sulphur either sp3, 
\ SK 
‘g2+ or pd S 
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the formation of four covalent bonds is characteristic. In sp? hybridization 
four homopolar valencies are directed towards the corners of a tetrahedron, 
and the tetrahedral configuration is therefore encountered in a large 
number of nitrogen and sulphur compounds. 

The structure of zinc sulphide on the basis of an ionic bond, would 
consist of Zn?+ and S?- ions arranged tetrahedrally. The covalent struc- 
ture, however, requires the sulphur to be doubly charged, positive and 
tetravalent and the zinc to be doubly charged negative and tetravalent, 
both the Zn?- and the S?+ thereby being in an sp* valency state. The 
actual molecule will be a superposition of these two extreme states and 
although the contribution of the covalent form may be small, it does 
nevertheless determine both the configuration of the atoms and their 
coordination numbers. 

In pyrites, FeS,, it is possible to distinguish the S, group in which the 
bond distance is 2-10 A as in the homopolar bond of pure sulphur. The 
sum of the ionic radii of two S?- ions is 3:5 A. In the crystal lattice 


340 


THE CHEMICAL BOND IN CRYSTALS 


surrounding each atom of iron are six S, groups, each of which 1s in turn 
surrounded by six atoms of iron. This structure may be pictured in 
another way. Each atom of sulphur is joined on one side to a second 
atom of sulphur in the S, group by a covalent bond, and on the other 
side there are located three atoms of iron, the five atoms thus forming a 
tetrahedral arrangement in which the coordination number of the sulphur 
is four. The Fe—S distance is 226A. Similar structures involving 
diatomic groups of S,, P,, As,, AsS and SbS are observed in marcasite 
(another modification of FeS,) and in FeAs,, FeAsS, FeSbS, PtAs,, PtSb, 
and PtP,. 

The structure of covelline, CuS, is more complicated than would be 
anticipated from its simple stoichiometric formula. In this crystal there 
are two types of sulphur atoms, the S, groups located between six copper 
atoms as in pyrites and, in addition, isolated atoms of sulphur surrounded 
by five atoms of copper, three in the form of a triangle at a distance of 
2:1g A and two, one above and one below, at a distance of 2-35 A. The 
copper atoms are also arranged in different ways, some being located at 
the centres of tetrahedra and others at the centres of triangles of sulphur 
atoms. In view of this complex structure the formula Cu,SS, has been 
suggested. The PtS crystal possesses a similar structure to the PtO crystal. 

In SiS,, each silicon atom is at the centre of a tetrahedron of four atoms 
of sulphur, and each sulphur atom is joined to two atoms of silicon thus 
forming an infinite chain in which the bonds are almost entirely covalent. 


Ss ; we \ 
si Ss si 
7 NF Ye ‘Ss 

It is possible to distinguish three methods of joining tetrahedral struc- 
tures, 7.e. with common points as in SiO,, with common sides, as in SiS, 
and with common faces as in Al,O 3. Pauling considers that a transfer 
from a common point structure to a common side structure is related to 
an increase in the covalent character of the bonds. 

From the data on the structure of crystals discussed in this chapter we 
may make the same conclusion as that reached for gaseous molecules, 
namely, that the homopolar and the ionic bond are only limiting cases 
and that actual bonds, as characterized by the distribution of the electron 
cloud may be described in terms of the relative contributions of the 
limiting structures. In the crystalline state diamond and sodium chloride 
may be taken as characteristic of the limiting structures. A satisfactory 
theory of crystals, intermediate between these extremes, will only be 


attained when, by wave mechanical! methods, it is found possible to describe 


the motion of electrons in the periodic field due to the atoms arranged in 
the crystal. 
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COMPLEX COMPOUNDS 


VALENCY STATES OF ATOMS INVOLVING @ ELECTRONS 


THE EXPERIMENTAL evidence shows that a complex compound such as 
K,Fe (CN), cannot be regarded as a mixed crystal, 4KCN.Fe(CN)o, since 
in "solution it may be demonstrated that the ion Fe(CN),4— exists as an 
independent species. In such an ion each CN group will be at an equal 
distance from the atom of iron and bound to it by an identical type of 
bond. The existence of such compounds clearly involves a valency 
greater than the classical di- or trivalency of iron and this was originally 
accounted for by WERNER by supplementing the classical valency theory 
by the idea of the coordinate bond. The modern views on the nature of 
the chemical bond, however, permit a somewhat more rigorous approach 
to the problem of complex compounds. 

A particular atom may exist In one or more valency states and so far we 
have considered only those cases involving s and f electrons, but nevertheless 
we have observed cases where the normal valency of an atom does not 
correspond to the number of unpaired electrons in the ground state, but 
to that in some excited electronic state. This occurs in divalent beryllium, 
trivalent boron and tetravalent carbon (see Chapter 2). The loss or gain 
of an electron also incurs a change of valency, as shown in the compounds 
of nitrogen, oxygen, boron and carbon. This production of new valencies 
by the transformation of the atom to a new valency state forms the basis 
for the understanding of complex compounds owing to the great number of 
possible valency states of atoms containing d electrons in the penultimate 
electronic shell. In these atoms the electrons are located in the five d orbitals 
in accordance with Hund’s rule, so that the number of unpaired electrons, 
N, is a maximum. The ground states of some atoms having d electrons are 
given in the following diagram. 
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For atoms possessing d electrons, the energy of the d and s states is very 
close and in Table CLXII are given the energy differences for various dis- 
tributions of electrons in the d and s orbitals in which the number of un- 
paired electrons in each state remains constant. In scandium, titanium, 
vanadium, manganese, iron, cobalt and nickel in the ground state, there are 
two paired s electrons and the transfer of one electron to the d shell, thereby 
pairing with a d electron already occupying an orbital, requires in the case 
of scandium the absorption of 58 kcals. On increasing the number of d 
electrons, however, the excitation energy falls as shown by the values given 
in the first row of Table CLXIJ, until with nickel the transfer requires the 
absorption of only 0-6 kcals, a value which is of the same order as RT. 
The transfer of both the s electrons in nickel to the d shell (d8s*->d!°) with the 
pairing of all electrons, requires the absorption of 42 kcals. In platinum 
the corresponding excitation energy (d°s—>d!°) is 17 kcals and in palladium 
the d!° state is the ground state. 


Table CLXI. Difference in the Energies in kcals of d and s States in Different Atoms 
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In addition to the formation of new valency states by transitions between 
the s and d states, the p orbitals may also be filled, since, for example, the 
difference in the energy of the 3d, 4s and 4f levels is not great and electronic 
transitions can readily occur between these levels. Such transitions increase 
the number of unpaired electrons without involving energy changes of any 
considerable magnitude. The maximum number of unpaired electrons that 
is possible is therefore nine : five in d, one in s and three in f orbitals. In 
addition, the gain or loss of electrons by the atom to give an ion may also 
cause a change in the valency state. The valency states of various atoms 
possessing d electrons is summarized in Table CLXIII, the number of un- 
paired electrons being given for each. 

With vanadium, owing to the existence of unoccupied d orbitals, in 
addition to the ground state d*s? in which the two electrons in the s orbital 
are paired, an excited state in which the electronic configuration is d‘s or 
d3s is possible in which the number of unpaired electrons has been increased 
from three to five. In other neutral atoms and in ions, in addition to the 
ground state various excited states exist similar to that described for 
vanadium in which the value of W has increased. It is interesting to notice 
that the maximum values of NV in the case of vanadium (5), chromium (6), 
manganese (7), and iron (8) correspond with the number of the group in 
which these atoms were placed in the Mendeléeff periodic table, but owing 
to the somewhat artificial nature of this grouping, there is no group into 
which chromium (g) may be placed. Chromium and molybdenum are the 
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only elements in which, in the ground state, there are six unpaired electrons. 
With these atoms, excitation of the d or s electrons to a p orbital does not 
lead to an increase of WY. Of the various possible electronic configurations 
of the negative ions, only those are given in Table CXLIII for which N has 
a maximum value. The greatest possible number of unpaired electrons, 9, 
is achieved in Cr3-, Mn?-, Fe-, Co and Nit. In these cases the further 
addition of electrons brings about a decrease of NV. Similar valency states 
are possible in the analogous atoms of the fifth and sixth periods. 

The spectroscopic data for the energies of excitation of atoms with d 
electrons to states with an increased value of WV are rather limited ; the 
available values are given in Table CLXIV. The energies of excitation of s 
electrons to the p state in scandium, titanium, manganese, iron, cobalt, 
nickel, ytterbium and zirconium are of the same order as in the alkaline 
earth elements and it is found that the energy of excitation increases con- 
siderably with the increase of the number of inner d electrons. In order to 
transform a nickel atom from the ground state to that in which WV 1s six or 
eight, it is necessary to unpair two or three pairs of electrons respectively ; in 
iron, to produce the same values of N, it is necessary to unpair only one or 
two pairs of electrons. Furthermore, the excitation energy in the case of 
the first electron pair (Fe, d°s*>d®sp ; Ni, d8s*->d®sp) 1s less for iron (54 kcals) 
than for nickel (73 kcals). This evidence indicates that the production of 


atoms with six unpaired 
Table CLXIV. Excitation Energies of Atoms Containing d Electrons electrons requires more 
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no d electrons in the 

penultimate electronic 
shell, and also greater than in the case of manganese, iron, cobalt and 
nickel. The existence of compounds, however, in which zinc, cadmium and 
mercury form covalent bonds, e.g. Hg(CH,)}, indicates that unpairing of 
electrons must occur. 

Very little data exist on the transfer of d electrons to p orbitals. For 
chromium the excitation energy of one d electron to a p orbital without 
change of N, d°s—d‘sp, is 71 kcals. For copper and gold the excitation 
energies for the transfer d!°s—-d°sp involving change of NV from one to three, 
are respectively 111 kcals and 129 kcals. Although these values are rather 
large, the existence of compounds involving trivalent gold indicates that 
the loss of the excitation energy is compensated by the gain of energy due 
to bond formation. 
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The low values of the excitation energy for vanadium and tungsten 
shown in Table CLXIV indicates that the excitation of an s electron to a d 
state requires only a very small absorption of energy. 

Directional nature of bonds involving d orbitals— The atoms of the transition 
elements may take part in both o and 7 bonds in the formation of a 
compound. The number of o bonds formed by the central atom cannot 
exceed the number of surrounding atoms or groups since between any pair 
of atoms, only one o bond is permissible, but the number of o bonds may 
be less than the number of neighbours, since bonds other than the covalent 
are possible, ¢.g. bonds due to ion-dipole and dispersion forces. 

A very large number of complex compounds exist in which the co- 
ordination number is either six or four. By the methods of classical 
stereochemistry it was established that the coordination number of six 
corresponded to an octahedral configuration of the atoms or groups about 
the central atom and that when the coordination number is four the con- 
figuration was either planar or tetrahedral. More recently these configura- 
tions have been confirmed by x-ray analysis. 

It has been shown by Pautinec!? that six stable and equivalent o bonds 
may be formed if the electrons of the central atom are located in states 
described by a hybrid function composed of the functions of two d, one s 
and three p orbitals, generally termed d*sp3 hybridization. The six equivalent 
a bonds are formed by the overlapping of the d*sp* hybrid orbitals with 
orbitals of the surrounding atoms, and are directed towards the six corners 
of a regular octahedron. Each of the d*sp* hybrid orbitals is represented by 
an electron cloud which is almost entirely concentrated along one axis, 
thus permitting considerable overlap of the orbitals to occur. In the case 
of a coordination number of four, similar calculations lead to two possible 
linear combinations of the atomic orbitals, the first being the four sp? hybrid 
orbitals which are directed towards the four corners of a tetrahedron and 
which have been discussed in Chapter 4, and a second type of hybridization 
due to the combination of one d, one s and two p functions leading to the 
formulation of four dsp? hybrid orbitals, which are situated in one plane 
and are directed towards the four corners of a square. 

The most complete discussion of the various possible combinations of 
atomic orbitals to form hybrid atomic orbitals is that of KimBaLi?, who 
considers the problem of directed valence from the point of view of group 
theory. The various spatial arrangements of the surrounding atoms which 
are possible are considered in turn and the hybrid atomic orbitals, necessary 
to form a a bond between the central atom and each surrounding atom, are 
derived from the s, p and d atomic orbitals. All coordination numbers 
from two to eight are considered and the results are given in Table CLXV. 

Where the coordination number is two, linear and triangular configura- 
tions of the three atoms are possible, and Kimball’s results show that the 
former case may result from sp or from dp hybridization and the latter case 
from p?, d? or ds hybridization. In addition to a o bond between a pair of 
atoms there may be two z bonds. The axes of the m bonds are perpendicular 
to the axis of the o bond and perpendicular to each other. In the case of 
the linear configuration, four 7 bonds may be formed, two by # electrons 
and two by d electrons. In the angular configuration, however, as Kimball 
points out, the four 7 bonds are not equivalent. Ifthe o bonds are formed 
by two p electrons (p? hybridization), then the 7 bonds are of two types : 
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Table CLXV. Spatial Arrangement of Hybrid Bonds and Possibility of Multiple Bond Formation 


Electrons | Electrons participating in 7 bonds 


square faces occupted) 


Coordination | Configuration of ee 
} parlictpating 
number | o bonds ' tno bonds Strong | Weak 
Linear Sp pd? — 
dp p?d? = 
‘ p? dp or d? | ds or d? 
Angular ds dp or d? | p* or dp 
: sp? pd? | d2 
, Trigonal plane dp* | pd? d? 
| | d*s pd? p 
- 4 a p? 
U'nsymmetrical plane | dsp : pa? | pd or d? 
Trigonal pyramid ps — | 4s or dé 
. d*p | — | sp*d*® or p*d 
Tetrahedral sp | d? d8 
| ds d? p 
: dsp — d 
| Irregular tetrahedron | dp —_ | Ss 
| ! d*p : = s 
Tetragonal pl dsp* d$ — 
; etragonal plane | nie | tp = 
Tetrazonal pyramid | d‘ . d Sp or p? 
| TeCl, configuration | p'd | d d3 
| (CI-T—Cl in linear configu- | | 
ration, other two bonds | dsp d d*p? 
| in planes perpendicular to ; dp* d | sd3 
| this line)* ) d* d | sp® 
| Bipyramid | dsp*® | d? | d? 
| d2sp d? | p? 
3 asp q | pa 
5 Tetr agonal d‘s | d ps 
| bipyramid } d*p ! d | sd? 
| d‘p | d sp? 
Pentagonal pyramid | dé — | sp? or p§ 
Pentagonal plane d3p2 | 
Octahedron | dsp | d? | — 
6 ! Trigonal prism d‘sp | — pid 
d®p | — 3 ps 
| Trigonal antiprism | d3p8 | —~ ) sd 
7 ' Octahedron with one extra | dssps | — d? 
| atom in centre of face _| dsp : p? _ 
7 | Trigonal prism with one | d‘sp? — | dp 
| extra atom at centre of | d*p? — ds 
| one square face | d5p3 — ps 
| Dodecahedron | d‘sp$ d — 
8 Antiprism d®p8 — 5 
| p = 


Face centred prism (only two | d®sp3 ! 
| 
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two 7 bonds are obtained from one d and one f electron, or from two d 
electrons, whilst the remaining two 7 bonds, which are weaker, are formed 
by either one d and one s electron or by two other d electrons. 

With a coordination number of four, the tetrahedral configuration arises 
by the formation of sp* or d’s hybrid orbitals. The remaining electrons 
form 7 bonds which may be strong (d® hybridization), or weak (d° or p3 
hybridization). The planar configuration, due to either dsp? or dp? 
hybridization may have four stable 7 bonds between the central atom and 
the surrounding atoms, depending on the number of available electrons. 


MAGNETIC CRITERION OF BOND TYPE 


The investigation of the magnetic properties of compounds gives information 
concerning the valency states of the individual atoms in the compound. 
Before dealing with the magnetic properties of complex compounds we shall 
discuss briefly the magnetic properties of simpler compounds’. 

When any substance is placed in a magnetic field a magnetic polarization 
is produced which may be represented by 


jJ=%2uM .... (14.1) 


where 7 is the magnetic moment per unit volume and M is the magnetic 
moment of the atoms, molecules or ions forming the compound. For reasons 
which will be apparent later the polarization may either oppose or augment 
the applied field, the substance being termed diamagnetic or paramagnetic 
respectively. In addition to these two main classes, certain substances in 
which the paramagnetism is very strong are termed ferromagnetic. Ferro- 
magnetism is not a molecular or atomic property but a property of the 
crystal and will not concern us here. In paramagnetic and diamagnetic 
substances 7 is proportional to the strength of the applied field H, 


J =XH sere @AG2) 


The proportionality coefficient X is termed the magnetic susceptibility and 
in paramagnetic substances has a positive value whereas in diamagnetic 
substances it is negative. In order to indicate the order of magnitude of the 
magnetic susceptibility in the three types of magnetism, the diamagnetic 
susceptibility of water per gm is — 0-72 X 10-® c.g.s units, for the para- 
magnetic susceptibility of copper sulphate the value + 6 x 10-* c.g.s units 
has been obtained, and for ferromagnetic substances the value is of the 
order of + 40 c.g.s units. 

On the basis of classical theory, the motion of an electron in an orbit 
around the nucleus will give rise to a magnetic moment and as shown by 
LANGEVIN, the presence of an external magnetic field will exert an accelerat- 
ing influence on the electrons and results in the formation of an induced 
magnetic moment directed against the applied field. A quantum mechanical 
derivation leads to the same expression for the diamagnetic susceptibility 
as the classical treatment. It will be evident that diamagnetism will be 
inherent in all substances irrespective of whether they are also para- or ferro- 
magnetic. 

PascaAL® has attempted to account for the diamagnetic susceptibility of 
organic compounds by considering it as an additive quantity in a similar 
manner to induced electric polarization. The data show that the addition 
of the same group to different molecules often changes the diamagnetic 
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Table CLXVI.  Additivity of Diamagnetie susceptibility by the same amount (Table 


Susceptibilities CLXVI) and Pascal suggested that the 
diamagnetic susceptibility of a molecule 

Substance — 108% | Difference is equal to the sum of the susceptibilities 

_- || of the individual atoms constituting the 
ae ie ha ae } 17:1 molecule. However, in order to produce 
agreement between the calculated and 

Acetone .. .. | 33°7 \ observed values it was found necessary to 
Chloroacetone .. | 5 0°9 '7°2 introduce additional constants for double 


ee and triple bonds and for other structural 
55°! ° : 
Trichlorobenzene .. | 106°5 hs x 171 factors. The relative magnitude of these 
| structural constants compared with the 
molecular values was much greater than 
in the analogous case of molecular refractions and furthermore, many more 
structural factors were found to be necessary. For example, a constant 
had to be introduced for the group CH,=CH—CH, (4°5 x 107* c.g.s 
units) in cyclohexene and in cyclopentene. Different increments were 
necessary for halogen atoms in mono-, di- and polyhalogen derivatives 
since if only one value is assumed for the chlorine atom, the deviation from 
additivity is found to be: in CH,Cl,, 9 per cent ; CH,Brg, 10 per cent ; 
CH,I,, 7 per cent; CHCl,, 19 per cent; CHBr,, 25 percent ; C,Cle, 
17 per cent ; C,Bre, 31 per cent and CBr,, 32 per cent. These observations 
tend to show that there is little evidence for considering the diamagnetic 
susceptibility as an additive quantity in the same sense that additivity 
occurs In molecuiar refraction. An alternative system of addition of atomic 
and group diamagnetic susceptibilities suggested by GRay and CRUICKSHANK® 
is equally unsatisfactory. 

In paramagnetic substances, the atoms or molecules possess a permanent 
magnetic moment, which are oriented in the external magnetic field. As 
in the orientation of permanent electric dipoles, the orientation is opposed 
by the therma] motion of the molecules and atoms. The classical theory of 
paramagnetism was developed by Langevin and was later applied by 
Debye to the case of electrical polarization. The application of quantum 
mechanics to the problem introduced certain modifications to the theory of 
Langevin, the most important being that only certain limited orientations 
are permissible. The total susceptibility of a substance is thus composed of 
the diamagnetic susceptibility 7, which is a property of all substances, the 
paramagnetic susceptibility 7, which is dependent on the temperature, and 
an additional paramagnetic susceptibility yp, independent of temperature 
and conditioned by electronic excitation. We thus have 


X= Xa t+xXu+ xr . (14.3) 
The value of the paramagnetic susceptibility in those molecules aa atoms 
possessing a permanent moment is much greater than that of the 
diamagnetic susceptibility. The diamagnetism, although present, is thus 
invariably more than compensated by the paramagnetism and all such 
substances have a resultant paramagnetic susceptibility. Sometimes, 
however, é¢.g. KMnO, where x, = 0, xp may be greater than y, and the 
substance possesses a small paramagnetic susceptibility which is independent 
of temperature. 
The paramagnetic susceptibility may be attributed almost entirely to the 
electrons since the magnetic moments of the nuclei are relatively so small 
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that to a first approximation they may be ignored. The electric inoment of 
the electrons is due in part to the spin magnetic moment and in part to the 
magnetic moments associated with the motion of the electron relative to 
the nucleus. Since in Bohr’s theory the electrons were represented as moving 
in definite orbits, the latter quantity is frequently referred to as the orbital 
magnetic moment. 

On the basis of the Bohr theory the orbital magnetic moment may be 
obtained in the following way. The electron, during rotation about a closed 
orbit, is equivalent to an electric current, ev, where v is the number of 
rotations of the electron in the orbit per second and ¢ is the electronic charge. 
For such a system, the magnetic moment will be equal to the product of 
the area of the orbit, 7r?, and the current flowing, 1.e. 


p= mr°ev eC hA) 
We also have the angular momentum f, given by 
p = mur aout ids) 
and also that 
v = 2avr sun T4U0) 
From which it follows on combination of equations 14.5 and 14.6 that, 
p = 2amvr* xiateto bAS7) 
Then from equations 14.4 and 14.7 
p/p = e/2m sgigtoe PASO) 


The angular momentum of the electron may, however, only have the values 
given by 


p= Vii +1).h/22, where 1 = 0,1,2,3,.... 9 .... (14.9) 
Combining equations 14.8 and 14.9 we obtain 
w= V1 + 1) -eh/4am = Vil + 1)- be .... (14.10) 
or on transfer to electromagnetic units, 
w= SIL + 1).ch/4ame pore RAs I) 


The term eh/47m, generally denoted by ps, is termed the Bohr magneton. 
The value of ys is 0°-9273 X 107” ergs/gauss. 
The spin angular momentum of the electron is given by 


ba = Vs(s + 1).h/2a = V3.A/40 »..- (14.12) 
The spin magnetic moment of the electron will be, 
pa = 2Vs(5 + 1). pp = V3. U5 esecoellAal 3) 
thus 
ftg/P x = e/m .... (14.14) 


i.e. twice the value given for the corresponding ratio for the orbital moment 
in equation 14.8. 

In an atom with W electrons there are 2V magnetic vectors (spin vectors 
and WN orbital vectors). ‘The resulting spin magnetic moment will be 


Ms = V45(S + 1)-be .. +. (14.15) 


where S is the resultant spin quantum number, i.e. S = | 2s], 1/2 for one 
electron, for two electrons with antiparallel spins 0, or with parallel spins 1, 
for three electrons 1/2 or 3/2, etc). The resultant orbital magnetic moment 1s 


Me= VL(L+ 1B oo. . (14.16) 
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where L is the resultant orbital quantum number. If, for example, there 
are two electrons with quantum numbers /, and /,, then ZL may assume any 
integral values from (/, + /,) to (l, — /,), and similarly for more than 
two electrons. 

The resultant spin and orbital angular momenta are coupled, employing 
the method of Russe, and SAUNDERS, to give a total angular momentum 
characterized by the quantum number 7 which may assume the values : 


(DAS) (ASN) AS 2), weiss (L—S +2), (L—S+1), (L—S) 


For example, if L = 2 and S= 3/2, 7 may have any of the values 7/2, 
5/2, 3/2 and 1/2. 
The resultant magnetic moment of the atom is given by 


Hz = EV FF + 1)-b » «+ +(14.57) 
where g is termed the splitting factor for which Landé deduced the 
empirical relation : 


_  HFZAM ASS +N -LELD 


a % 2H F +1) 
.. (14.18) 
The resultant angular momentum is 
by = VF + 1)-Alon ..«+(14.19) 
and 
bz |pz = ge/2m 1... (14.20) 


It will be seen from equation 14.18 that when L = 0 i.e. when the magnetic 
moment is due only to the electron spin, 


—— woe. (14.21) 


and when S$ = 0 and the magnetic moment is due only to the orbital motion 
of the electron 
g=1 o..- (14.22) 

The ratio of the magnetic and mechanical moments may be determined 
experimentally by means of the gyromagnetic’ effect (SucxsmrTH®, by 
rotation during magnetization and BARNETT®, by the converse method, of 
magnetization by rotation). If for a particular substance this ratio is found to 
be equal to e/m, the paramagnetism will be due entirely to electron spin ; 
if the ratio has the value e/am, the paramagnetism will be due to the orbital 
motion of the electron. Intermediate values will indicate that the magnet- 
ization of the substance is determined partly by spin and partly by the 
orbital motion of the electron. In all atoms with completely filled electronic 
shells, both S and L will be zero since all the electrons will be paired, hence 
J = 0 and the atom has no permanent magnetic moment. 

Atoms and ions with unpaired electrons will possess constant magnetic 
moments. The paramagnetism is due in every case to the incomplete 
electronic shell, since the completed inner shells in which all the electrons 
are paired cannot contribute to the magnetic moment. By means of equation 
14.17, using the appropriate values of L, S and 7 it is possible to calculate 
the moments of atoms and ions containing unpaired electrons. We are more 
interested here, however, in the magnetic moments of molecules rather than 
of atoms and ions ; in a very large number of molecules the resultant 
magnctic moment is zero owing to the complete pairing of the electrons and 
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the only compounds which we have so far discussed which are paramazneac 
are nitric oxide, the free radicals and moleculer oxvgen 'O,). 

Compounds incorporating elements of the tranudon, lanthancr of actner 
groups which contain ¢ or f electrons, possess permanent magneuc Moments. 
For example ferrous chlomde, FeCl,, ts paramamnene. ee ros 225 25 
the ground state contains four unpaired electrons ; in differen: ionic stares 
this may increase, but in FeCl, there are only wo Fe—Cl boads ard on 
the formation of these bonds, whatever their Character 34. lomic, covalent 
or intermediate, only two of the four unpairec eleccrozs are usec. If che 
bonds are ionic, two electrons wil be transferred fom an atom of iron to 
two chlorine atoms to form two Cl~ ions with 2 completed eeccronie shel. 
If on the other hand the boncs are covalent, two electrons fom che ziom of 
iron would form electron pairs with unpaired elecrrons of the chlorine acoms. 
Thus, whatever the nature of the bond, cwo eleccrons oF the at9m of iron 
are excluded from conuibuting towards the mazneauc momeni ef the gram. 
Such a state of the iron atom, where two of the electrons are empioved : 
bond formation, we shall designate Fe“. The two remaining canines 
electrons are responsible for the magnetic Momeni of the mo-ecuie. 

The magnetic momen: of terrous chloride must 02 compared with the 
calculated moment of the atom of iron containing only swo unpaired 
electrons, i.e. with the calculated momen: of the Fe?- ion. I: must be sressed 
again that the 2 agreement which is obtained Coes not indicate tha: the Donc 
in FeCl, is tonic ; the comparison only permiss us to est2bush the num = 
of unpaired electrons in the molecule. The same ts true of mine chords. 
which is diamagnetic. In the covalent structure botk the neo unpaired 
sand electrons of Zn (dso participate in covalen: bond formason: is 
the ionic structure both? ions Zn*- ,¢%) and Cl- are diama gnerc. In certain 
instances the magnetic Gata does permui 2 conclusion to be made regardin 
the nature of the prevailing bonds. For example in the cova ee suc 
of PtCl,, the two unpaired electrons in the ground state of plauaum 2s. 
become paired so thar the substance would ‘be diamagnetic. In the ionic 


structure, the ion Pr?- (¢@) ts formed, which in iss ground stare will have 
two unp aired electrons. The formation of che diamagnene Pr*- ion in 
which 2 the eight @ electrons are paired, would involve the loss of enersy 
and this state is therefore less probable. The ao tal magnetic 


properties of PrCl, show 


ig 


Tatts CLATH. «= Afageete: Mores wo tte Satpmetes 


he 


that itis dia amagnetic a and Leatieceses. in Sete meri 
hence thecovalentstructure 
: * ; Ce teeed’ > 
represents the actual state len we gp en Eee 
of the molecule. Similar * Valen a=5N Fj-i — 
examples are observed in, — = a ae oe : = 
the complex compounds to Cem % rt oo§ Se 54 rs 
discussed later in this Ve ' he ae 3a: ee 
apter. Sevan f S25 83 sy rae 
The magnetic moments Ee= c $ 3 O° ° rs 
of the sulphates of the lan- [f= Q am ao ae 
thanons have been meas- D= ° SS § INt sd 1>35 
F Hxwx Tas Fs e $ rre nrg 
ured and the experimental Bs) : ; 
: t N &z 8 ryt sé os 
values por tat veal ra with = fs Po gS pe =e 
: : te 8s ae +s ‘S 
those calculat y equat os 2S oe ; ee 
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The agreement in the majority of instances is very close and it should 
also be pointed out that the values of the Landé splitting factor, cal- 
culated by equation 14.18 and determined experimentally from gyromag- 
netic measurements are in good agreement (Table CLXVIIJ). For an explan- 
ation of the discrepancies occurring between the experimental and calculated 
Table CLXVII Landé Values for samarium and europium the appropriate 
Splitting Factor from ™onographs* should be consulted. . 
Gyromagnetic Effect The position is rather more complicated with the 
—___—_——— transition elements of the fourth period for which data 
Atom| cale | exp are given in Table CLXIX. The agreement between the 
, —— experimental values and those calculated by equation 
Nd™! 0-73 ‘0-78 14.17 is not good, but when it is assumed that the magnetic 
Gor ae | ne moment is due only to the electron spin and the moments 
ae 13?) 3° are calculated by equation 14.15, the agreement is more 
satisfactory. It would thus appear that the magnetic 
moment of these atoms is due only to the spin magnetic moment and that 
the contribution from the orbital motion of the electron has been quenched. 
This is generally attributed to the influence of the fields of the neighbouring 
molecules, atoms or ions. In the case of the lanthanons, the f electrons lie 
sufficiently deep in the atom to be effectively screened from the influence of 
the fields of neighbouring ions and the total magnetic moment is given by 


Table CLXIX. Magnetic Moments of Salts of Transition Elements, in Bohr Magnetons 


| = 
| ree Number of | ! z= p* Ha= 
configuration | sina) eee . tal eae ae 
Atom | runfiled | eared | SL F | eV7F41) spermine "| 4/4 5(S-1) 
| od shel | | 
Sate ee epee Sale a ee oP ele ee eee tease 
{ K,.MnO : 
Mnv jd 1 faf2} 2 }3i2| 155 4) BeMnO! 1-80 } a 
Vu da? 2 1 | 3 | 2 1-63 2°83 
Cr™ CrCl,, 3°81 
Mn" 4d 3 3/2| 3 | 3 0°78 Cr,03,7H;O, 3°85 3°88 
vu 2KCIMnCl,, 3°89 
) 
1 | Mn (SO ) ? 5°19; < 
Mn'™ : d‘ 4 2 2 0 o { Mn¢ 1; 5: : » 49° 
| | MnCl, 5°65-5:92 
Mn? be 5 |5/2| 0 | 5/2| 5°91 MnSO,, 5°90 5°91 
Fe" | Fe,(SO,)s, 5°86 
! 
| FeCl,, 5° 
Fe | d$ 4 2 2 4 6-76 t FeSO, 5-26 s 4°90 
: | CoC},, 5°04 : 
Cot | qd’ 3 3/2| 3 | 9/2 6-68 { CoSO,, 5°04-5°25 } 3°88 
| 
5,  NiC],, 3°24-3°42 
Ni® d® 2 1; 3 /] 4 5°61 f NiSO,, 3°42 \ 2°83 
Cl, 2: 
Cua d° 1 life] 2 fsi2] 356 4 Gus, vn 


® Subscript s indicates that value has been obtained from measurements made in solution 
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the sum of the orbital and spin moments. With the transition elements the 
d electrons form the outermost shell and interaction with neighbouring tons, 
leading to the quenching of the orbital moment, is apparently almost 
complete. ~The discrepancy between the experimental values and those 
calculated assuming complete quenching of the orbital moments, is greatest 
in Co", Ni and Cu”. This difference is dependent on several factors such 
as the nature of the surrounding atoms or groups and, if measured in 
solution, on the concentration. The magnetic moments of Nil! and Cu"! are 
decreased on complex formation!®, approaching more closely the theoretical 
values calculated on the basis of complete quenching of the orbital moments 
(from 3:42 to 3:09 for Ni™ and from 2°o1 to 1°85, for Cu”). 

In the majority of instances, it will be evident that the magnetic data 
permit the number of unpaired electrons to be determined!!. The salts of 
cobalt are an exception since the moment for CoCl,, which must contain a 
considerable contribution from a moment due to the orbital electronic 
motion, has a value not only greater than three, but also greater than four 
unpaired electrons calculated on the basis of spin moments. In the complex 
compounds of cobalt, where evidently there is the same number of un- 
paired electrons as in CoCl,, the magnetic moments vary considerably 
(e.g. Co(N,H,4),(CH;COO),, 4:56 4x; Co(N,H,).Cl,, 4:93 us ; 
Co(N2H,).5O3,H.O, 4°31 wg 3 Co(NH3)Cly, 5°3 us). 

The magnetic data indicate the nature of the atomic or ionic valency 
states in atoms Containing a number of unpaired electrons (Table CLXX ). 
In compounds of chromium, for example in CrCl, three electrons are 
employed in bond formation leaving three which, from the value of the 
magnetic moment, are unpaired. The original configuration of the atoms 
with six unpaired electrons is therefore d°s. In other compounds of chromium, 
more than three electrons may participate in the bonds, thus the ion CrO,?- 
may be represented by the following structures between which resonance 
occurs : 


OF O O- O O- O- 
\_ 4 \_4 NF 
Cr Cr+ Cr*t 
fe N q S a 
O- O O- O- O- O- 
six Structures four structures one Structure 
I II Il 


In these structures all the six electrons of chromium are employed in 
bond formation. In the covalent structure J, all the bonds are homopolar, 
in the other structures electrons have been transferred to the oxygen atoms, 
pairing with the electrons of the latter. The tetrahedral configuration of this 
ion indicates that four o bonds are formed with d°s hybrid electrons and a 
bonds are formed with the remaining d electrons (Table CLXV). The other 
elements of the same group, viz, molybdenum and wolfram, give halides 
bys five or six halogen atoms (MoCl,, WI,, MoCl,, WBr,, MoFsg, 

6) 

The manganese atom possesses seven unpaired electrons (d°sp) which indi- 
cates that the atom is in an excited state compared with its normal ground 
state (d°s*). All seven electrons are employed in bond formation in KMnQ,, 
whereas in K,MnQ,, only six electrons are so used and there remains one 
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and in Complex Molecules 


In 
MnCl, there are four bonds 
and three unpaired elec- 


‘umber of | Number of Number o 
Compound | tae | ae eg trons, in MnCl, three bunds 
| occupied in | electrons | electronsin and four unpaired electrons 
| bond Sormation | | initial state and finally in MnCl, two 
CrCl, ‘ar a 3 electrons participate in 
Ce Mod KxCrO, | rs Po Se : bonds and five remain un- 
»* MoF, 5 I paired. 
MoF, | 6 0 The iron atom has four 
MnCl, | a p unpaired electrons in the 
MnCl, | 3 2 ground state d®s* and also 
Mn MnCl, 4 3 7 in FeCl,. This indicates 
aa ee 6 I that the valency state of the 
ores 7 i ion in FeCl, is d®sp and of 
FeCl, : 4 6 the six unpaired electrons 
Fe, Os {feck 3 5 ‘} 8 two are employed in bond 
OsF, 8 o formation. In FeCl, in 
Co CCl = 2 3: 3 addition to the three elec- 
CoCl, 3 4and6 | 7andg_ trons used in the formation 
———— —_—_——_—_— ———— of bonds, there are five un- 
Ni, Pt ee . 2 t 4 paired electrons, showing 
tCl, 4 0) 
that the valency state of 
CuCl oO | I iron in FeCl, is d°sp?. In 
Cu, anf Coch 2 : } 3 osmium, which also has the 
AuCl, 3 O 


same valency state as iron 
in FeCl, all eight elec- 
trons are used in bond formation in OsO, and OsF;. 

If we assume that the magnetic moment of CoCl, corresponds to three 
unpaired electrons (see above), then cobalt is in the d‘sp state in CoCl,. 
In Co compounds, the magnetic moment corresponds to 5 or 7 and the 
number of unpaired electrons is not certain, being either four or six. The 
cobalt atom is therefore in either the valency state d®sp? (MW = 7) or d°sp3 
(NV = 9). With nickel and platinum compounds, the valency state in 
compounds is generally that in which there are four unpaired electrons, 
d°sp. In NiCl,, two of these are employed in bond formation and two 
remain unpaired. In PtCl, all four unpaired electrons are employed in 
bond formation. 

With copper, two types of compound are characteristic, a diamagnetic 
form, e.g. CuCl and a paramagnetic series CuCl,, CuSO, etc. In the first 
group only the single unpaired s electron of copper (d1°s) forms a chemical 
bond. In salts of divalent copper (d°sp) only two of the three unpaired elec- 
trons are used in bond formation, presumably the s and # electrons, whereas 
the third d electron remains unpaired and is responsible for the paramagnet- 
ism of these compounds. These examples show that in many compounds of 
elements containing d electrons, a number of electrons remain unpaired. 
In atoms containing only s and # electrons, or a completely filled and screened 
d Shell, the unpaired electrons almost invariably bring about bond formation 
with other atoms, so long as this leads to a considerable gain in stability. 
Molecules with unpaired electrons are, therefore, only comparatively stable 
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when additional stabilizing factors exist. This occurs, for example, in the 
organic free radicals of the triphenylmethyl type in which stabilization 
is caused by delocalization of the unpaired electrons and by the resonance 
of a great number of structures. 

The compounds of the transition elements containing unpaired d electrons 
may be regarded as a particular type of free radical and the question arises 
as to how these molecules are stabilized. We consider that this behaviour 
may be explained on the basis of intra-atomic resonance. In the same way 
that electron transfer may occur between different atoms, so also will there 
be transfer of the electrons between the different electronic levels of one 
atom. In the former instance the exchange integrals are negative and the 
transfer of electrons with antiparallel spins leads to a decrease of the energy 
of the system and with parallel spins to an increase in energy. Within the 
atom, however, the exchange integrals are positive and the transfer of electrons 
with parallel spins gives stability to the atom!*. On the formation of 
chemical bonds the nature of the intra-atomic resonance may change. If 
an unpaired electron of the atom enters into bond formation with another 
atom, the system gains energy and the conditions for resonance within the 
atom may be less favourable. The explanation of the preservation of un- 
paired electrons in simple and complex molecules evidently hes in this 
concept. The formation cf bonds will occur only if the energy gained 
compensates for the loss of energy of intra-atomic resonance. In compounds 
containing d electrons a number of factors exist which tend to decrease the 
bond energies. First, the electrons of the surrounding atoms are repelled by 
the many non-bonding electrons of the central atom (the number of outer 
electrons not taking part in bond formation in an atom ofa transition element 
is greater than in bonds formed by s and electrons). This will result in a 
lowering of the bond energy. Secondly, there occurs a repulsion between the 
electrons of the coordinating atoms, which is increased if the interatomic 
distance between the central atom and a coordinating atom is small and if 
the latter are themselves large. This second factor is evidently the explana- 
tion of why high valencies generally occur with fluorides but not with other 
halides, and with the atoms of the fifth and sixth periods but not of the 
fourth, e.g. molybdenum and wolfram give MoF, and WF, and OsF, 
exists, but FeF, and OsCl, do not occur. The formation of multiple bonds 
decreases the effect of the steric factors. For example, chromium is hexa- 
valent only in CrO,?-, where it is necessary to arrange only four atoms 
round the central atom. It should be pointed out, however, that the six 
electrons of the chromium atom in the d°s state do not form six equivalent 
o bonds, but invariably form multiple bonds, e.g. four o and two 7m bonds, 
as in CrO,2-. Only by this means can the six electrons be employed in 
bond formation. In this connection the data of BRAUNE and PinNow}% are 
interesting. These show that in WF, and MofF, the fluorine atoms are not 
arranged in a perfect octahedron but the arrangement round the central 
atom is distorted. The fluorine atoms may be separated into three groups 
arranged at different distances from the central atom. Ewens and Lister”, 
however, have shown that the chlorine atoms in WCI, form a regular 
octahedron and in MoCl, a regular bipyramid. The problem of the 
equivalence of the bonds in such molecules still requires further 
investigation. 
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METALLIC CARBONYLS 


None of the metallic carbonyls are paramagnetic, a fact which indicates 
that all the unpaired electrons existing in the ground state of the metal are 
paired in the molecule. The pairing of electrons could come about in two 
ways, either by the pairing of the electrons in the d orbitals of the atom, 
or by the formation of chemical bonds with the carbon monoxide molecule. 
However, spectroscopic data show that the pairing of electrons in the atom 
requires considerable excitation energy, e.g. the pairing of two electrons in 
iron requires 59 kcals, in cobalt 47 kcals, and in nickel 38kcals. These 
values are greater than could be compensated for by van der Waal’s 
attraction between the central atom and the surrounding CO groups and 
since the diamagnetic properties of the carbonyls also confirm that such a 
method of bonding is not possible, it is therefore concluded that covalent 
bonds are formed between the metal and the CO groups. Electron diffrac- 
tion data show that in the metallic carbonyls the carbon and not the 
oxygen is bonded to the metal atom. 

We have already shown that the carbon monoxide molecule may be 
represented by the following structures among which resonance occurs : 


C=O C-=O+t Cc+—O- 
and it is to be expected that in the carbonyl, the metal atom will participate 
in the resonance by virtue of the existence of different valency states. Thus 
the CO group may form a double bond with the metal atom by the pairing 
of two electrons of the metal with two electrons of carbon, J: 
- M=C=0O 
I 
In addition to this structure, the CO group may donate one electron to the 
metal thereby permitting the structure to be 
M-—C=0O+t M-—-C+=O 
II II 


The bond between the metal atom and the carbon atom may be considered 
as formed by two electrons from the carbon atom, which thus move in the 
field of two nuclei. The carbon and oxygen atoms may also exist in the 
singly charged negative trivalent and singly charged negative, monovalent 
states respectively, thus leading to the structures : 


M+—C-=O M+=C—O- 
IV V 
and the much less probable structure, 
M+—C—O- 
VI 


involving a divalent carbon atom. In these structures the metal atom con- 
tributes either one or three electrons to a covalent bond and also donates 
one electron to the carbon or oxygen atom. In the metallic carbonyls all 
the above structures J-V/J contribute to the resonance of the molecule and 
the numbers of electrons contributed to the bond by the metal may be 
summarized as follows: zero in structures /J and J/J where an empty 
orbital is occupied by electrons from the carbon atom ; 2 instructures J, 1V 
and VJ; and 4 in structure V. 
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The formula and bond distances of the metallic carbonyls are given 
below, the latter being obtained from electron diffraction data. (Compounds 
of the alkali and alkaline earth metals with formulae of the type K,(CO), 
have been shown to be phenolates of hexahydroxybenzene.) 


Cr Mn Fe Co Ni 
Cr(CO), unknown Fe(CO), Ni(CO), 
Cr—C Fe—C Ni—C 
192A 1:84 A 1:82 A 


Fe,(CO), Co,(CO), 
Fe;(CO) 12 Co,(CO) 12 


Mo Tc Ru Rh 
Mo(CO), = unknown Ru(CO), 
Mo—C Ru,(CO), Rh,(CO), 
2:08 A [Ru(CO),], {Rh(CO)s], 
Ww Re Os 
W(CO), Os(CO)¢ 
W—G 


206A  _Re,(CO),, Os,(CO), 


Although those metals which contain in the atom an even number of 
outer d and s electrons (Cr, 6; Fe, 8; Ni, 10; Mo,6; Ru, 8; W, 6) 
give carbonyls, it is interesting to notice that Mn, Tc, Re and Co which 
contain an odd number of dand s electrons in the atom do not give carbonyls 
containing only one metal atom in the molecule. 

The MCO group of atoms in the carbonyls is linear, as would be expected 
from the multiple nature of the bonds shown in structures J to VI. The CO 
distance is 1-15 A compared with 1-13 A in the carbon monoxide molecule. 
According to the data of ANDERSON, the Raman spectrum of Ni(CO), shows 
the presence of a frequency at 2,038 cm~—! which evidently corresponds to 
the vibration of the CO group. In carbon monoxide the frequency is 
2,158cm 7! and the decrease of the frequency in the carbonyl group 
is evidently an indication that in the carbonyls, the contribution of the 
structure with the triple bond is smaller than in the carbon monoxide 
molecule. This conclusion is in agreement with the slight lengthening of 
the CO bond as indicated by the data given above. 

The values of M—C distances given above are, as pointed out by Pauling, 
about o-1 to 0-2 A less than the sum of the covalent radii for single bonds. 
From this it is concluded that the M—C bond has some multiple bond 
character. Although this is evidently correct, the evidence based on the 
summation of covalent radii must not be regarded as of great significance. 

The heat of formation of Fe(CO), in the gaseous state from gaseous Fe 
and 5CO, is 138 kcals and for Ni(CO), from N: and 4CO in the gaseous 
state is 121 kcals. These data give for the M—CO bond the value of 28 to 
30 kcals. The actual bond energy is probably greater, since the energy of 
the CO bond in the carbonyl group is probably less than that in the free 
carbon monoxide molecule, i.e. the CO group in the molecules M(CO), 
possesses more carbonyl character than in carbon monoxide. In addition, 
the bond energy as determined from the heat of formation will be low, 
since in the formation of the carbonyl, the metal atom has been raised from 
the ground electronic state to its valency state. 
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The nickel atom possesses ten outer electrons and of these a maximum 
number of eight may be unpaired. Nickel forms a tetracarbonyl, Ni(CO),, 
the four CO groups being arranged tetrahedrally about the central nickel 
atom ; four o bonds are therefore formed involving either sp? or d°s hybrid- 
ization. The structure VJJ is therefore possible in which the nickel atom 
makes four double bonds with the carbon atoms : 


O O 


\ O 
C 


CG 
Nn 
“@sN\ 

C Cc 

VII 


In addition, the structures VIII and IX, in which a distribution of charge 
occurs, must also be considered. 


| p) 
O+=C—Ni=C—O- a i=C—O- 
| I 
O-—C=Ni—C=0O+t O-—C=Ni—Ct=O 
l 
Vill IX 


Other possible structures for nickel carbonyl are X, in which the nickel 
is positively charged and employs nine unpaired electrons in bond formation : 


\ / 
Cc C 


and XJ and XII in which the nickel atom, having accepted one electron 
from a carbonyl group, possesses seven unpaired electrons : 
O Or 


‘O 
No o” No of 


M7 XN. 
Ni-~ Ni 
of > cf C 
oO” No ae No 
XI AI] 
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KIMBALL? has pointed out that with the tetrahedral configuration, only two 
strong ma bonds are formed (Table CLXV) and he therefore suggests the 
structure A/J/ as being perhaps more stable than the other structures which 
involve three, four and five 7 bonds 


O+ O 
\ oO 
Cc C 


\ 
asl \ 


ALL 


It is clear, however, that the structure of the Ni(CO), molecule is a resonance 
hybrid of several structures in which varied localization of 7 bonds and 
of charges occur ; the valency state of nickel varying in the different struc- 
tures from six to nine. 

In compounds of elements involving d electrons our understanding of 
the term valency must be somewhat modified. In simple molecules, involving 
only s and electrons, e.g. H,O and NH, it is possible to consider the 
oxygen as being predominantly divalent and the nitrogen as trivalent, in 
spite of the fact that resonance occurs with other states in which, for example, 
the oxygen atom may be negatively charged and monovalent. This is due 
to the fact that in these compounds the contribution of the other structures, 
although significant, is relatively small. With the transition elements, 
however, the position is different. The structures with 9, 8, 7 and 6 valent 
nickel in Ni(CO), evidently vary little in their relative stabilities and it is 
impossible to assign one dominating structure to the compound. We cannot, 
therefore, consider a particular valency as being typical for nickel, but must 
consider a range of valencies. 

All eight of the outer electrons of iron and ruthenium may be unpaired 
(d°sp?). This makes it possible for each atom to link with four CO molecules. 
However, there still remains an empty # orbital which permits a fifth CO 
group to form a bond of .he type 


-~Fe—C=Ot 


on account of the lone pair of electrons in the CO group. Therefore in 
iron pentacarbonyl, or ruthenium pentacarbonyl, the five structures XIV 
will predominate. 


\ 0 
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Structures with an octavalent neutral iron atom: 
Ot O 
NN / 
C 


Sig 

CIN 

c ¢c ¢ 
of 6 o 


are less probable in view of the negative charge being located on the carbon 
atom and not on an oxygen atom. 

In addition, resonance can occur in the pairs of double bonds and 
structures XV and XVI will contribute to the structure of the molecule. 


\_ 4 \_ 4 
a daca retin rine 


XV XVI 


The five CO groups in iron pentacarbonyl form a bipyramid, three CO 
groups being arranged around the Fe atom in a plane with one CO group 
above and another below the plane of the triangle. All five CO groups are 
equidistant from the central atom, and the dipole moment should be zero. 
The value of 0-€ to 0-8 D reported by BERGMANN and EncEL?)® and by 
GRAFFUNDER and HEYMANN!®, is probably due to atom polarization as in 
symmetrical trinitrobenzene. 

In addition to Fe(CO), iron forms a carbonyl with the formula Fe,(CO),. 
The configuration of the molecule has been established by Powe tt and 
Ewens!’ by a detailed x-ray crystallographic study and is shown to possess 
trigonal symmetry (distribution of charges not shown in XVII) : 


XVII 


In this molecule three of the carbonyl groups, which are linked to two atoms 
of iron, possess different properties to the other six. The CO distance in 
these three groups, 1°3 A, is similar to that in organic carbonyl groups and 
is due to the absence of the contribution of structures of the type —C=O+t 
to the bond resonance. The Fe—C distances are different also, the value 
being 1-9 A for the inner carbon atoms, t.e. those linked to two iron atoms, 
and 1:8 A for the others. This shorter value indicates that the bond must 
have a partial double bond character. The distance between the two iron 
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atoms is approximately the same as that in metallic iron, 2:48 to 2°52 A, so 
that bonding between the iron atoms is not impossible. Although these 
data give a precise picture of the positions of the atoms relative to each 
other in the molecule, the exact nature of the various bonds is somewhat 
more obscure. The structure XV// in which the iron is represented as being 
hexavalent is not entirely satisfactory since it does not indicate any difference 
between the Fe—C bonds. The molecule is best represented as a resonance 
hybrid of the following structures which satisfies the observed diamagnetism 
of the molecule!®. 


O O 
‘\ 0 
x v C 
-/_-C ¢ 
O=C=Fe —~Fe =C=O 
C Ch 
O N 
O Oks 
eight structures 
XVIII 
I 
i ; 
O 


six Structures 
XX 


The Fe—C—Fe angle is 87°, and has therefore been considerably decreased 
in comparison with the normal valency angle of carbon with a coordination 
number of three (120°). This may be due to the strength of the Fe—Fe bond. 
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For the molecule Fe,(CO) ,. an analogous series of valence bond structures 
may be considered. The geometry of the molecule is represented by the 
structure XX/, which in all probability, represents one of the main reson- 
ance forms. 


O O 
OF a ot 
~ Y 
a / 4 i aN / IX 
OCS he 0 
C I | C 
VA O O \ 


XXI 


The six unpaired electrons of the atoms of chromium, molybdenum and 
tungsten may form three double bonds with three carbonyl groups. Three 
unfilled # orbitals remain, which may be filled by the donation ofan electron 
pair from each of three carbonyl groups. The structure of these compounds 
will therefore be represented by the valence-bond structure XX/I : 

Or O 
\N ¢ 
C C 


Le 
o=csorS_c=0+ 


\ 
a Ne 
Y \ 
Ot O 
XXII 
which is one of several such resonance structures. A distinctive feature of 
many complex compounds of chromium is the fact, which will be discussed 


again later, that the chromium is present as the ion Cr?-. The valence 
bond structures : 


Or O O Or 
N \ YW 
. C ri Cc- C 
ea eee Ot+t=C—Cr—C-=O 
C C= Cc- C 
YW iN Va S 
Ot O Ot 
XXIII XXIV 


in which the charges on the chromium atom have been delocalized and 
shared between the CO groups are less probable than the structure XX//, 
in view of the fact that the CO groups are arranged round the central atom 
in the form of a regular octahedron which must be due to d’sp? hybridization 
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and the bonds formed by the chromium ion (Cr~) will be six o and three 
a bonds. 

If cobalt were to form a tetracarbonyl, one electron in the atom would 
remain unpaired, and therefore the carbonyl Co,(CQO), is formed in which 
two tetracarbonyls are joined by a Co—Co bond 2... 


O O O O 
\ I | 7A 
C Cc C 
\ |Z 
Co — Co 
| IN 
Cc CG Cc C 
f | | N 
O O O O 
AXV 


Many of the metallic carbonyls form hydrides, e.g. Fe(CO) ,H,, Go(CO) ,H, 
Os(CO),H,, Ir(GO),H. The structures of the first two compounds have 
been investigated by Ewens and Lister! by electron diffraction methods. 
An exact determination of the position of the hydrogen atoms was not 
possible, owing to the small scattering produced by these atoms. The data, 
however, show conclusively that the hydrogen atoms are attached to the 
oxygen atoms of the carbonyl group and not directly to the metal. Both 
compounds have a tetrahedral configuration as in Ni(CQ), which ‘is iso- 
electronic with the ions Co(CO),~— and Fe(CO),?-. The tetrahedra are, 
however, somewhat distorted, there being two different M—C distances. 
In Fe(CO),H, these are 1-84 A, which is considered by Ewens and Lister 
to be the Fe—CO distance, and 1-89 A which is the Fe—COH distance. 
To this hydride it is therefore possible to ascribe the structures : 


O O O O 
\ i \ yo 
C C H C C H 
\_ \ FG 
Fe- Fe- 
arN a 
Cc C H Cc Cc 
Y Doe A Ve \ 
Ot O O O 
XXVI XXVIT 
O O- 
», ra H+ 
\ G 
Fe- 
aw 
Cc Cc Ht 
oc Be 
AXVUI 
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I: would, therefore, be more correct to give the formula of this compound 
as Fe CO’ >. COR’... In Co,CO’ the CO distance is 1 83 A and the 


C—COH distaace 1-75 A and its structure may be represented by 


O O O- 
\ / a : AN / | 
C Cc H C C H- 
NX. 7 NG 
Co Co 
NN ns 
C Cc C Cc 


O O O O 
XXX XYY 


The shurter M-—C Cstance in the M-—COR croup compa ared with M—CO 

mav be cecarded as Cue to a greater contribution fom the structures with 
2 ticle bend than from those with a double boned for the MC linkage. 
The Evdroge n of the hverides of the carbonvl mav be replaced by metals 
with the formacon of sales such as KCo-CO , and K,Fe(CO), ex. 


NITROSYIL AND NITROCOMPOUNDS 


fe tencency of nitric oxtde to form addinon compceunds ts related to the 


| 


=~ oc /- 


wssinle formanom of Cifferent valency states of mitogen and oxygce aad 
2 Pata iz NO of an unpaired electron. For the bond of 2 metal 
NO the folewing scructures are possible : 


\{f—N=O 

\i-=N7=O0 
Mr=N—O- 
M=N-—O- 


anc resonance wii cecur amongst these structures. In ron attrosyl Fe(NO),, 
2 large number of valence Eenc structures are possibie of which / is an 


( 


+t 
ae 


£3" 
“ne 


my 


The face thas in the Sormacion of the MC bend in carbonvis the metal 
al-wave Comates an ever number of electrons, anc thar m the nirosy’s tire 
mumber of electrons Comated by the metal to the MEN boxed 1s always odd, 
the reasor for the formatior of mono-metallic carboryl-nitrosyl com 

z Co.CO 5NO_ In addition to sructure IT for Co CO. .yNO, in which 
ee zine elecoons 25g are emploved m the formacon of ¢ aad 7 bonds, 


gob 


O O- 
‘\N / 
C N+ 
N_G 
Co 
co No 
4 \ 
O O 


I 


there will be additional structures in which the nitrogen becomes positively 
charged with respect to an oxygen atom of a carbonyl group, 
O- O 
\ 4 
C N+ 


7 
\N 
C 


O O 
IT 


In addition to the two valence bond structures J// and III, represented above, 
other structures may be considered in view of the possibility of cobalt 
existing in other valency states (Table CLXX). 
In Fe(CO),(NO), a large number of possible structures may be considered 
of which we give only four (JV-VIJ) : 
O 


O- O O- 
No no Ng a 
N_G Te 
Fe Fe 
ra Ne ae Ns 
Oo” \N - af No 
IV V 
O O- O- O 
\ / \ YA 
Cc Nt C N 
NF A 
Fe- Fe 
of Ys i 
0” NS Oo” No 
VI VII 


In these compounds the NO distance is 1-11 A, thus being somewhat 
shorter than in the molecule of NO (1-14 A). 
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The capacity of both carbonyl and nitrosyl groups to assume both a 
positive and negative charge, as illustrated by the formulae given above, is 
related to the existence of the nitrosy] and carbonyl compounds as neutral 
molecules, in contrast to other complex molecules which may exist only as 
ions whose charge is compensated by ions of opposite sign in the crystal. 
Such is the case for example in complexes where the central atom is bonded 
only to nitro groups, as in K,NaCo(NO,),. In the nitro group, in contrast 
with nitric oxide, the nitrogen atom is already positively charged and tetra- 


O 
po 


ee 


valent and in the bond with the metal, resonance of the following valence 
bond structures are therefore possible : 


O O- 
Vi / 
M—Nt M—N+ 
‘ \o 
O- 
y 
M=Nt 
~ 


The formation of the latter structure in which the metal atom is joined to 
the nitrogen atom by a double bond, would be improbable, if by so doing, 
a positive charge were formed on the metal atom, since we should then have 
two adjacent atoms both positively charged. For this reason the complexes 
formed between metals and nitro groups are all negative ions, the charge 
being equalized by cations in the crystal. The structure of the Co(NO,) .3- 
ion has been shown by x-ray methods to be octahedral and we may represent 
the structure as follows, in which the cobalt atom forms six o and three 7 
bonds (d2sp3-hybridization). 


O- O 
O-\ A O- 
| Nt 
Nt NY 

of \LZ = 
AINE 
Nt Wh 
oO / ee i 
VIII 
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Several structures other than that given above, VIII, are possible with a 
varied localization of the 7 bonds and distribution of charges on the nitro 


groups. 
CYANIDES 


In the bond between a metal atom and the cyanide group, resonance will 
occur among the following structures : 


M—C=N 

M=C=N- 
M C-=N 
M C=N- 


The last two structures, which represent an electrostatic bond between the 
metal atom and the cyanide ion, may be conveniently written as M(CN)- 
since the localization of the charge in the (CN) group is unimportant to the 
present discussion. Theoretically there should also occur a bond of the 
isocyanide type, in which the metal atom is joined to the nitrogen atom of 
the (CN) group. The x-ray analysis of these substances cannot, in general, 
permit the distinction of the carbon and nitrogen atoms because of their 
similarity, but there is, however, some evidence in the case of K,Mo(CN), 
that the metal is bound to the carbon and not to the nitrogen atom. 

Of the simple cyanides, Hg(CN),, Gd(CN), and Zn(CN),, it has been 
established®® that Hg(CN), is linear and it may therefore be represented 
by the formula 

NC—-Hg—CN 
I 


in which two o bonds are formed by the s and # electrons of the mercury 
atom in the valency state d!°sp. A significant contribution to the structure 
of the molecule will also be made by the structure 
NC—Hgt CN- 
It 
in which the mercury is positively charged and monovalent (d!°s) and by 
NC—Hgt=C=N- 
IT 
in which the mercury is positively charged and trivalent (d°sp). Less signif- 
icant structures are 
NC- Hg?+ CN- and N-=C=Hg?*=C=N- 
IV V 

As a result of the contribution of the structures J/J and V it is to be expected 
that the HgC distance will be somewhat less than in a single Hg—C bond 
as occurs for example in Hg(CHy).. 

The complex ion Ag(CN),~ is analogous to Hg(CN), and it may be 
described in terms of the following structures : 

N-=C=Ag—C=N 

in which the silver atom is uncharged and trivalent, forming two o bonds 
at an angle of 180°, on account of sp electrons and a 7 bond formed by the 


unpaired d electron, 
N-=C=Agt (CN)- 
and 
(CN)- Ag—C=N 
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The complex cyanides formed by the transition elements have frequently 
been discussed in terms of the simple compounds formed by these atoms. 
Thus, for example, K,Fe(CN), has been referred to as a compound of 
ferrous iron and K,Fe(CN), as a compound of ferric iron. This procedure, 
however, 1s not correct as the valency state of iron in K,Fe(CN), is quite 
different from that in Fe(CN), or FeCl, ; thus FeCl, has a magnetic moment 
corresponding to four unpaired electrons, whereas K,Fe(CN). is diamag- 
netic. The suggestion that the diamagnetism of K,Fe(CN), is caused by 
the pairing of electrons in the Fe?+ ion under the influence of the strong 
electric field due to the (CN)~ ions, appears inadequate since (NH,),FeFg, 
where the field due to the F7 ions is stronger, is paramagnetic?!. These 
facts can only mean that in FeCl, some of the outer electrons of the iron 
atom are not used in bond formation and remain unpaired, whereas in 
K,Fe(CN), all the outer electrons are paired in bonds with the (CN) groups. 
The suggestion has been made by Pauling that the formation of such covalent 
complexes occurs as the result of the pairing of all the outer six electrons of 
the Fe?+ ion in three d orbitals. The ion will therefore have two d, and one 
s and three f orbitals empty, vz, 


rete litletl it] Tot Tt 
d ? p 


The vacant orbitals are then used in the formation of six coordinate (donor- 
acceptor) bonds with six (CN)~ ions ; this may be represented as the donation 
of six electrons (one from each (CN)~ ion) to each of the six orbitals with 
the formation of an Fe*~ ion containing six d*sp3 unpaired electrons : 


Fe ithtivth ye ded ed ed + 
d 5 p 


These electrons then take part in six covalent bonds with six unpaired 
electrons in the CN groups. If this representation of the structure of 
K,Fe(CN)., were correct, it would be represented by the structure VJ. 


However, VAN VLECK and SHERMAN?? and PAULING?! have shown that such 
a structure is improbable owing to the high negative charge on the central 
iron atom, since iron generally tends to assume a positive charge. 

We consider that for a description of this and similar complexes there is 
no need to assume that the outer electrons of the Fe?+ ion are paired and 
that the union of the ion with the (CN)~ ions occurs through coordinate 
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bonds. The structure of these complexes may be understood if the valency 
states of the metal ion, as described above and in Chapter 2 for simple ions, 
are considered. The ground state of the iron atom is ds? in which there 
are four unpaired d electrons, two paired d electrons and two paired s 
electrons. Excitation of the paired electrons to the p state leads to an atom 
of iron in the d°sp? state in which there are eight unpaired electrons, which 
may therefore take part in the formation of eight covalent bonds. If the 
iron atom accepts an electron into the vacant p orbital from a (CN)>@ ion, 
then the Fe~ ion will be formed with the electronic configuration d5sp3, 
which may thus take part in the formation of nine covalent bonds. This 
therefore leads to the structure VII for K,Fe(CN),: 


N N- 
\ 4 
Cc C 


\_F 
N-=C=Fe-—C=N | 4K+ 


VII 


in which the four negative charges occur, one on the iron atom and threc 
on three nitrogen atoms. This formula has also been proposed by Pauling??!. 
The nine covalent bonds between the Fe~ ion and the six (CN) groups will 
consist of six o bonds, formed by dsp? hybrid electrons, arranged octa- 
hedrally and three 7 bonds (formed by three d electrons), in accordance 
with the data of Kimball (Table CLXV). The structure V/J represents only 
one of many resonance structures with various localizations of the a bonds 
and of the negative charge on the nitrogen atoms, and the stability of such 
a complex will compensate for the energy absorbed in the excitation of the 
iron atom. In addition to structure VJJ, resonance is possible with the 
form VIII in which the iron atom is octavalent : 


N- 

(NC)- C 

N-=C=Fe—C= 4Kt+ 
nN 
C C 
YW ‘\ 
N N- 
VOI 
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and other structures, VI/I and LX, in which the iron is hepta- and hexa- 
valent : 


(NC)-  (CN)- (NC)- (CN)- 
N-=C=Fet—C=N | 4K+ N-=C=Fe?+ (CN)- | 4K+ 
\ aN 
C C C C 
Vf \ ¢ \ 

-N N- | -N N- 
. 1X 7 7 x 7 


In the structures VJ to X, all the electrons are paired, so that the total 
spin angular momentum is zero. These structures may therefore resonate 
with each other and it is important to appreciate that, although certain 
CN groups, for example in formula X, are represented as being in the ionic 
state and therefore bound to the central iron atom by electrostatic forces, 
all the CN groups are attached to the central atom by the same type of 
bond which is in part ionic, in part a o bond and in part a z bond. The 
pairing of spins also explains the diamagnetic character of this substance. 

Let us now compare the structures given above, VII to X, for K,Fe(CN).¢ 
with hypothetical structures in which the iron aiom is in the same valency 
state as in FeCl,, viz, d$sp and in other valency states in which there are 
four unpaired d electrons. In the following formulae we shall represent 
the unpaired electrons by dots : 


(CN)- (CN)~ 
(CN)- Fe?+ (CN)- | 4K+ 


(CN) (CN)- 
(Fe2+ = d®) 
XJ 

N ; N | 

(CN) - C (CN)~ C | 
(CN)- Fe—C=N 4K+t (CN)- Fe-—C=N , 4Kt 

ae 

(CN)- Ng Coe : 

S Yi N | 

N N N ! 

(Fe = d*sp?) (Fe- = dsp?) 
XII XII 


The similarity between structures X and X/, VI/I and XII, and Viland X/I1, 
is evident, but in the forms V//J, VIII and X there are additional covalent 
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bonds of the type Fe=C=N-, in which the unpaired electrons are em- 
ployed in bond formation with a consequent loss of paramagnetism and 
increase in stability of the complex. 

The entirely ionic form of K,Fe(CN), : 


| = (CN)- (CN)- 


! 


| (CN)- Fe?+ (CGN)- | 4K+ 
(CN)- (CN)- 


ALV 


can only be compatible with the observed diamagnetism of the compound 
if the six d electrons of the Fe?+ ion are all paired. The molecule could 
then also participate in the resonance between structures VII to X. The 
pairing of the electrons to give the configuration, 


re lytietl yt) | oP Pt 
d 2 p 


involves the absorption of energy ; such an electronic state is therefore un- 
favourable for the stability of the molecule and the corresponding structure 
XIV is hence improbable. 

It 1s not possible to formulate a diamagnetic structure for K,Fe(CN), 
since the total number of electrons in this molecule is uneven. The experi- 
mental data show that the magnetic moment is 2:33, thus corresponding 
approximately to the presence of one unpaired electron. It is therefore 
clear that here the electronic state of the atom of iron in the complex 
is essentially different from that in FeCl, in which the Fe*+ iron possesses 
five unpaired electrons. It is possible to describe the structure of the 
complex by the following : 


N- N- 
\ \ 
C CN C CN 
| A NY 7 
| N-=C=Fe-—CN | 3Kt N-=C=Fe—CN | 3K+ 
| Fcc PON 
‘ NC CN (NC)- CN 
AV AVI 


Similarly the magnetic moments of the complex cyanides of manganese, 
K3MnCNg, 3°25 wp, corresponding to two unpaired electrons, and of 
K,Mn(CN)., 2:18 xs, corresponding to one unpaired electron, indicate that 
in these compounds the valency states of the manganese atoms are different 
from those in MnCl, (4% = 5:92 ps) and MnCl (u# = 5-1 ws). In KMn(CN)s, 
4 = 4°22 ps, Corresponding to three unpaired electrons, and it is possible 
that this compound possesses the formula K,{Mn(Mn(CN),)], where the 
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inner manganese atom has one unpaired electron as in K,Mn(CN), and 
the outer manganese atom, five unpaired electrons®* asin MnCl,. According 
to the treatment discussed above the molecule K;Mn(CN), will be repre- 
sented predominantly by the covalent structure XV/JJin which the manganese 
atom is monovalent and doubly charged negative, 1.e. in the electronic state 
d°sp3 corresponding to the ion Mn?-. In such a structure there are no un- 
paired electrons and the complex should be diamagnetic. In addition to 
the covalent structure XVIJ, ionic structures, such as XVJJJ and XIX will 
contribute to the molecular resonance. 


N- (NC)- N- 
No on C 
\ 7 
NC—Mrn2-=C=N- | 5K+ -N=C=Mn+(CN)- | 5K+ 
o \ 
c’ = ‘cn C 
_y’ we)- (NN 
XVII XVIII 
~ (NC)- N- 
Ce 


XIX 


GOLDENBERG’s*3 measurements show that the magnetic moment of 
K,Mn(CN), is 1:05 4s, which is less than the calculated value for one 
unpaired electron. From the above possible structure this cannot be due 
to electron spin, so it is evidently due to incomplete quenching of the 
orbital moment. 

The limiting covalent and ionic structures of K,Mn(CN)., in which 
there is one unpaired electron, are 


NC CN (NC)~ (CN)- 
7 
N-=C=Mn?-=C=N- | 4K+ N-=C=Mn?+=C=N- | 4Kt 
jor™ 
NC CN (NC)- (CN)- | 
XX XAT 
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and similarly for K,Mn(CN), in which there are two unpaired electrons, 
we have 


N- N- 
No CN No (CN)-~ 
NOSM(t-—CN 3K+ (NC)- Mn8+ (CN)- | 3Kt+ 
ne’ Non (NC)- - (CN)- 

- XXII - - XXII 7 


In K,Cr(CN)., the experimental data show that there are three unpaired 
electrons and, since both the Cr+ ion and CrCl, also contain three un- 
paired electrons, the complex is sometimes written in the form XXIV : 


(CN)- (CN)- NC CN 
(CN)- Cr3+ (CN)- | 3K+ NoSor_cn 3Kt 
(CN)- (CN)- No” Non 
AXIV XXV 


However, K,Cr(CN), may be equally well represented by an alternative 
limiting structure, which also satisfies the observed magnetic moment, 
represented by XXV. In this structure it is assumed that the chromium 
atom in the (Cr(CN),/3~ ion is in a d°sp? electronic state and possesses three 
negative charges. Six of the nine electrons are employed in covalent bond 
formation (d*sp* hybridization) with the CN groups, and three remain 
unpaired. We have already postulated that chromium is in this electron 
state In the carbonyl compounds. Both the structures, XXIV and XXV may 
at first sight appear improbable owing to the high charge, either positive 
or negative, carried by the central atom. However, we consider that the 
structure of K,Cr(CN), may be represented as a resonance hybrid of the 
forms XXIV and XXV and of other structures in which the central atom 
possesses the same number of unpaired electrons, e.g. 


(NC)- ON 
(NC)- Crt—CN | 3Kt+ 


(NC)- (CN)- 


XXVI 


The description of a molecule or complex in terms of resonance among 
several structures is, as we have emphasized before, only a convenient way 


375 


THE STRUCTURE OF MOLECULES 


of describing the real state of the molecule which is intermediate between 
these extreme forms. In fact the twelve electrons of the central atom and 
of the surrounding groups or atoms are located in the field of all the nuclei 
in molecular orbitals. In K,Fe(CN), all the electrons of the complex ion 
occupy molecular orbitals in pairs, thereby neutralizing their spins?!. In 
K.Fe(CN),, one electron in the outermost molecular orbital remains un- 
paired as in NO and in other instances it is possible that an electronic 
configuration is more favourable when some electrons occupy molecular 
orbitals, not in pairs, but singly as in the molecule of oxygen, O,. This is 
evidently what occurs in K,Cr(CN), and in other paramagnetic complexes. 

Twelve electrons take part in bond formation in K,Cr(CN), and hence 
all the CrC bonds may be regarded as single, as in the limiting covalent 
structure XXV. In K,Cr(CN),, however, the limiting covalent structure, 
XXVII, must include one double bond, since the magnetic moment corre- 
sponds to only two unpaired electrons. 


, aN 
NC CN 
six structures 
XXVII 


A limiting ionic structure with a doubly charged positive chromium ion 
and six CN- ions is not in agreement with the magnetic data, since the 
Cr?2+ ion has four unpaired electrons. Furthermore, such a structure cannot 
resonate with the form XXVII since resonance can only occur when the 
value of the total spin is identical in both forms. The ionic limiting structure 
must, therefore, be given by XXVIII. An example of an intermediate 
resonance structure is given by XX/X. 


N- N- 
VA Va 
(NC)- C (CN)- C 
(NC)- Cr2+(CN)- | 4K+ (CN)- Cr—CN 4K+ 
(NC)- (CN)- (CN)- ON 
7 six Structures 7 7 six structures - 
XXVIII XAXIX 


The diamagnetic octacyanides K,Mo(CN), and K,W(CN), are known 
in which resonance between all possible structures from the limiting co- 
valent form XXX to the limiting ionic form XXXJ will occur. 
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eight structures 
XXX 


- (NC)- (CN)- - 


(NC)- (CN)- 
Mo‘4t 4K+ 
NO (CN)- 


O (CN)~ 
—N 


AXXI 


There now arises the problem of why the ion Cr’- uses only six unpaired 
electrons in the cyanide complex ion and has a coordination number of six, 
whereas the ion Mo’- may use all nine unpaired electrons to form a com- 
plex with a coordination number of eight. There are probably two different 
reasons. First, the large size of the atom of molybdenum permits the packing 
of eight atoms or groups round it much more easily than in chromium and 
secondly, the loss of intra-atomic resonance in molybdenum and tungsten 
on bond formation is less than in chromium, owing to the greater principal 
quantum number of the outermost electrons of these elements. 

For K,Mo(CN), which must have one unpaired electron, the following 
limiting structures are possible, 


NC Ps (NC)- — (CN)~ 
NC)- CN)- 
NC Ne oe CN | or4. Ne esstn, ae 
NC \OvCN (NC)- (CN)- 
NC CN (NC)~ = (GN)~ 
AXXIT XXXL 


The x-ray diffraction data show that the complex [Mo(CN),]?~ ion has a 
dodecahedral structure in agreement with the prediction of KimMBALL 
(Table CLXV). A coordination number of eight, involving d, s and p 
electrons may correspond to a dodecahedron (d‘sp?) or to a quadratic anti- 
prism (d°p3). The alternative geometric arrangement of the groups at the 
apices of a cube is not permissible since it has been shown to require the 
participation of f electrons”. 
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The ion [Go(CN).]°~ is isoelectronic with [Fe(CN),]*- and the most 
probable structure will be 


N- 
NC of 
\_ 7 
-N=C=Co—CN 
fe nN 
NC 


AXXIV 


and the participation of all nine electrons of the cobalt atom in bond 
formation causes the observed diamagnetism of the molecule. The complex 
K,Co(CN), is less stable than K,Co(CN),. From the structure XXXIV it 
is clear that the additional electron may enter into [Co(CN),]°~ to form 
[Co(CN),]*-, only by utilizing a higher orbital such as the 4 d or 55 of the 
cobalt atom. In this fact lies the explanation of the observed differences 
in the oxidation-reduction potentials of the complex cyanides of cobalt 
compared with those of iron : 

[Fe(CN),]#— — ([Fe(CN),}®- — 0:36 v 

[Co(CN).]£- — [Co(CN) ,]3—- + 0-83 v 
The oxidation of [Co(CN).,]#— to [Co(CN),]- occurs very readily since it 
will be accompanied by the liberation of the excitation energy of the addi- 
tional electron to the orbital of higher energy. The oxidation of [Fe(CN),]4~ 
to [Fe(CN),]?~- does not occur readily, since all the electrons are employed 
in bond formation and one electron is left upaired in [Fe(CN),]*-. 

In K,Ni(CN), and in the analogous complexes of palladium and 
platinum, various valence bond structures are possible of which XXXV and 
XXXVI are examples and are in agreement with the observed diamagnetism 
of these substances. 


| oN- N- N N- 
NN VA NN VA 
C C C C 
XY 7 \ fF 
Ni2+ oK+ Ni oK+ 
IN YN 
C C C C 
Vi \ A N 
-N N- -N N 
7 AXXV 7 ~ XXXVI 7 


The x-ray diffraction data show that the [Ni(CN),]?~ ion is planar, the 
four CN groups being arranged symmetrically at the four corners of a 
square around the central atom. Such a distribution of o bonds corresponds 
to dsp? or d*p? hybridization and up to four m bonds may be formed by 
dp electrons. 
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In contrast to the cyanides, other complexes of nickel with a coordination 
number of four, eg. [Ni(NH3),]?+SO,2-, show paramagnetism corre- 
sponding to one or two unpaired electrons, which has been regarded as 
evidence for a tetrahedral structure of the complex ion. This has not been 
confirmed experimentally. 

K,Ni(CN), may be represented by the structures : 


N- N- j N N- 
\ 0 \ 4 


C a C C 
Ss 7 4Kt Ss < 4Kt 
aw 
Cc C C C 
0 ‘\ VA NN 
—-N N- —-N N 
XXXVII XXXVI ; 


Of the other compounds in which the central atom possesses a high 
valency, K(OsO,N) is worthy of mention, in which according to the x-ray 
evidence, the oxygen and nitrogen atoms are bonded directly to the osmium 
atom, and we may therefore represent the complex by the structures XXXIX 
to ALI. 


O O O O 
\ fF \ 4 
S K+ Os Kt 
VarN dN 
O N O N- 
XXXIX XL 


Ve 
O 


three structures 
XLI 


HALOGEN COMPOUNDS 


In the complex halogen compounds, as in the complexes we have discussed 
above, the number of halogen atoms bonded to the central atom Is greater 
than the normal valency of the latter. In the case of the complex chloride 
of gold, CsAuCl,, the crystal structure consists of an aggregation of Cst 
cations and two different anions, AuCl,~ which is linear and AuCl,~— 


379 


THE STRUCTURE OF MOLECULES 


which is planar. In the AuCl,~ ion, resonance will occur between the 
forms : 


Cl- Aut Cl- Cl—Au _ Cl- 
two structures 
I Il 


in which the gold is either positively charged or monovalent. There will 
also be considerable contribution to the resonance from the structure 


Cl—Au-—Cl 
ITI 


in which the gold is negatively charged and divalent (electronic state, 
d)%), The hybridization of all the s and p electrons and the formation of 
two o bonds is in agreement with the linear structure. In considering the 
structures of the AuCl,~ ion, it is necessary to consider the gold atoms 
initially in the excited, trivalent state, dsp. This leads to the structure JV. 


Cl Cl- Cl C) Cl Cl- 
\ SA 
Au Au Aut 
fo Ns yooO™N / 
| Cl Cl Cl Cl Cl Cl- 
IV V VI 


The gain of an electron gives the negatively charged tctravalent state of 
gold, occurring in V in which the electronic structure will be d°sp?, so that 
four o bonds are formed by four dsp? hybrid electrons in agreement with 
the observed planar configuration. The loss of an electron giving the 
positively charged divalent ion d°s leads to the structure VJ. In the AuCl,— 
ion resonance will occur among all three structures, all of which have a 
total spin moment of zero. In the entirely ionic structure VJJ, 


VI 


the electronic configuration of the gold atom is d§ and in the ground state, 
six of the eight electrons would be paired and two unpaired. Since the 
total spin is not the same as that in the structures JV to VJ, resonance may 
only occur when the Au®+ ion is excited to the state in which all of the 
eight d electrons are paired. Owing to the magnitude of this excitation 
energy, the form VJJ will not contribute significantly to the resonance of 
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the ion. The position is the same in K,PtCl,, which may be described by 
the two limiting structures : 


Cl Cl Ccl-  Cc- 
f 
pt 2K+ Pt2+ 2K+ 
LN 
Cl Cl Ccl-Cl- 
Vial IX 


together with a number of intermediate structures. As in the case of the 
AuCl,~ ion, the completely covalent structure VJJ/J has a total electronic 
spin of zero, whereas in the ionic form IX the Pt*+ ion will be in the 
electronic state d° and in order to pair all the eight electrons in four d orbitals, 
considerable excitation energy is required and the structure /X does not 
therefore contribute significantly to the structure of the molecule. The 
planar configuration of the PtCl,?~ ion is evidently caused by the contribution 
to the molecular resonance of the covalent structure VJIJ in which the 
tetravalent Pt?- ion forms four dsp* hybrid orbitals. In neutral PtCl,, a 
different configuration is to be expected since non-charged tetravalent 
platinum has the electronic configuration d°sp, formed by the excitation of 
one d electron in the ground state, d°s. Here the bonds will be formed by 
d*sp electrons which according to Table CLXV will give rise to a non- 
symmetrical tetrahedral configuration. ‘This is what is found to be the 
case in (CH,),PtCl in which the bonds are mainly covalent, but in which 
there is a small contribution from the ionic form (CH,),PttCl-. 

In K,PtCl, there exists resonance between the covalent and ionic 
structures. The K,PtCl, crystal consists of K+ ions and octahedral PtCl,?—- 
ions arranged in a similar manner to the Lit and O?- ions in an anti- 
fluorite lattice. Each potassium ion is surrounded by twelve chlorine atoms 
and the closeness of the packing will evidently be due to the attraction be- 
tween the positive potassium ions and the partially negative atoms of chlorine. 

On the basis of the above discussion of the complex compounds of gold 
and platinum an explanation of the formation of the ICI,— ion, asin KIC],, 
is possible. The entirely ionic structure X is improbable in view of the magni- 
tude of the charge on the central atom. In the atom of iodine, 


cl- c- 
[3+ Kt 


or in the iodide ion, however, the excitation energy of an electron in the 
6p state to a 6d or 7s orbital is not great and such a valency state is not 
without possibility. Such an excitation of two of the 6 electrons in the 
ion I-, leads to the valency states pds or p4d?, both of which give rise to a 
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planar configuration (Table CLXV). Thus we have the limiting covalent 
structure XJ. 


Al 


Resonance can only occur between structures X and XI, if the I+ ion 
(s*p?) has a zero spin moment. The electronic configuration in which this 
condition holds is not necessarily the ground state of the ion. 

In contrast to K,Fe(CN), the complex molecule (NH,),FeF, has a 
magnetic moment of 5:9 ug, which corresponds to five unpaired electrons. 
The central atom of iron in FeF,°~ is therefore in the same electronic state 
as the atom of iron in FeCl,. Only three of the eight available electrons of 
iron can participate in bond formation and it is therefore generally assumed 
that this compound is entirely ionic (XJJ). 


he i 
F- Fe F- | 3(NH,)+ 
F- F- 

All 


Structures in which the bonds are partially ior.ic, however, are possible, viz 


F- F F- F 
Ve / 
F- Fe?+ F- | 3(NH,)+ F- Fet_F | 3(NH,)+ 
F- F- F- F- 
ALI AIV 
F-  F 


/ 
F- Fe—F | 3(NH,)+ 


AV 


The resonance of these structures will produce an increased stability of the 
molecule. Thus it is evident that it is not possible to decide the exact nature 
of the bond in these complexes simply on the basis of magnetic data, except 
in certain cases (see page 353) and in general it is only possible to determine 
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the valency state of the central atom. The existence of the unpaired electrons 
in FeF,3— may be in part due to the fact that in the bond between a halogen 
atom and a metal atom, only bond resonance between the covalent M—F 
and ionic M+F~ forms is possible and in contrast to the CN group a covalent 
bond between the metal and the F- ion is not possible. 


AMMINO COMPOUNDS AND SALT HYDRATES 


A very large number of metals, including the alkali and alkaline earth 
metals which do not generally form complexes, give ammino derivatives 
and hydrates. In the complex NaCl(NH3)x, the bond between the metal 
ion and the ammonia molecules is due to ion-dipole forces. The 


M+ NH, 
I 


bond is therefore not strong and these substances often possess an appreciable 
vapour pressure of ammonia. More stable ammino compounds are formed, 
however, with metals possessing d electrons. In such cases the attraction 
is not only due to ion-dipole forces but, since nitrogen may exist in the 
positively charged tetravalent state, there is a tendency for electrons to be 
transferred from the nitrogen to a vacant orbital in the metal atom with 
the formation of a compound of the type IJ. The possibility of the 


F,B-—tNH, 
Il 


transfer of electrons from ammonia molecules to a metal atom is determined 
by the number of available orbitals in the metal and if the metal has a high 
electron affinity, a donor-acceptor (coordinate) bond between the metal 
and the ammonia molecule is formed. By this means, bonds of the type : 


M-—+NH, X- M—tNH, 
il IV 


occur. In the —+tNH, group, the positive charge is not localized on the 
nitrogen atom, but is shared by the hydrogen atoms. This is shown by the 
fact that the ammonia molecule, NH,, forms coordination compounds 
much more readily than trimethylamine, N(CH; )3. Pyridine, on the other 
hand, behaves in this connection as a primary amine owing to the contri- 
bution of resonance structures in which the nitrogen atom is negatively 
charged and divalent. Although ion-dipole forces may play some part in 
the bond between the metal ion and the ammonia molecule, the bond is 
predominantly homopolar, since molecules such as CH,Cl and CH,NO,, 
which have a greater dipole moment than ammonia and which are smaller 
in molecular size than pyridine, do not form complex compounds since carbon 
is unable to exert a valency greater than four. If the electrostatic attraction 
between the ion and the dipoles were of great significance in complex 
formation, the tendency towards complex formation would be greater, the 
smaller the radius and the greater the charge of the central ion (the energy 
of ion-dipole interaction is given by zepz/r? where ze is the charge of the 
ion, » the dipole moment, and r the distance between the ion and the 
dipole). The ions Be?+ and Al?+ would thus form complexes more readily 
than iron, platinum, cobalt and nickel, which does not occur. 

On the basis of the above discussion, in stable complexes, such as 
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Au(NH,),Cl,, there will evidently be resonance between a number of 
different structures, the limiting forms being : 


— — <a ==> 


| HN NH, H,N+  +NH, 
Au?+ 3Cl- Aum 3Cl- 
fo nN 
H,N NH, | HAN* —-*NH, 
° V 7 7 VI 7 


In structure VJ, the gold is in the negatively charged tetravalent state, in 
which the four bonds are formed by dsp? electrons. The planar configura- 
tion of the [Au(NH,),]*+ complex, as determined by experiment, is in 
agreement with the prediction that four dsp? hybrid bonds are formed. 

In Cd(NH,),Cl, a similar limiting covalent structure occurs, V/J, but 
here the four valency electrons of the ion Gd? are in sp? orbitals so that 
the complex ion has a tetrahedral configuration. The configuration of the 
ions [Ag(NH3).]+ and [Cd(NH,),/?+ has been shown by experiment to be 
linear, a fact which is in conformity with the sp hybridization of the valency 
electrons : 

H,N+t—Ag-—tNH, 
H,N+—Cd—*NH, 

The limiting covalent structure of the complex Cu(NH,),Cl, Vid, contains 

copper in the doubly charged negative tetravalent state : 


i H,Nt *NH, 
ee 
Cu2- 2Cl- 


VII 


The electronic structure of the Cu2- ion, however, is d9sp3 in which there 
are five unpaired electrons and therefore one electron must remain unpaired 
in the tetrammino compound. Two forms of hybridization can occur in 
the Cu?- ion, either dsp?~- or sp?— the former leading to a planar structure 
and the latter to a tetrahedral configuration. Experiment shows that the 
ion is planar, which would indicate that dsp?- hybrid bonds are more 
stable than sp? bonds. 

The magnetic moment of Cr(NH3),Cl, indicates the existence of three 
unpaired electrons in agreement with the resonance between structures 
VIII and [X and other types which are intermediate between the limiting 
ionic and covalent forms. 


H,N NH, H,N+  +NH, 
H,;N Cr3+ NH, | 3Cl- H,N+—Cr3-_+NH, | 3Cl- 
eee I ooo \ 
H,N NH, H,N+ +NH, 
Z VIII - 7 IX : 
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In all the examples considered above, the total electron spin is the same 
in both of the limiting structures, z.e. that in which the bonding forces are 
entirely ion-dipole and that in which they are homopolar, resonance 
between these and possible intermediate structures may therefore occur. 
The experimentally determined dia- and paramagnetism does not indicate 
that one or other of the valence bond structures is to be preferred, since in 
these structures the number of unpaired electrons does not change. Here 
also, the number of unpaired electrons is the same in the simple salt and in 
the ammino compound. Thus, for example, AuCl, and Au(NH,),Cl, are 
both diamagnetic, CuCl, and Cu(NH,),Cl, both have a single unpaired 
electron, and CrCl, and Cr(NH,),Cl, have three unpaired electrons each. 
In the ammino compounds of cobalt, however, the position is different, 
Co(NH3,),Cl, being diamagnetic, whereas Co(Cl, 1s strongly paramagnetic. 
Pauling considers this fact as evidence fot the covalent character of the 
bonds in Co(NH,),Cl,, which therefore corresponds to the structure X, 


H,N+  +NH, 
Lo 
H,N+ ‘NH, 


»¢ 


An ionic structure in order to be diamagnetic would have to include the 
unusual triply charged, positive cobalt ion XT: 


H,N NH, 
H,N Co%+ NH, | 3Cl- 
H,N NH, 

xI 


in which the electronic structure is as follows : 
Comlitltlit] Tf 
d 5 


with all six d electrons paired in three d orbitals. In view of the energy 
necessary to produce this excited state from the ground state in which 
there will be four unpaired electrons, a considerable absorption of energy 
would be involved and it is unlikely that this would be compensated to any 
great extent by the ion-dipole forces repsonsible for the bonding in structure 
XI. It thus appears that here the magnetic properties do lead to a decision 
as to the nature of the bonds in the complex, the covalent structure X being 
preferable to the ionic form XJ. In the ion [(Co(NH,).,]** of all the valency 
electrons (nine in Co and twelve in six NH, groups), three are transferred 
to the chlorine atoms and the remaining eighteen are located in pairs in 
molecular orbitals in the field of an atom of cobalt and six atoms of nitrogen. 
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These electrons may be regarded as taking part in six o bonds between the 
d*sp3 hybrid orbitals of cobalt and the sp° orbital of nitrogen ; the remaining 
six electrons will form three 7 bonds. The structure of the complex ammine 
containing two atoms of cobalt, 


will have a similar covalent structure to X, t.e. 


H,N+ \\ / +*NH, 
H,N+ ——Co*-——-*NH,— Co®=—— +NH, | 9 %~ 


H,N+ a / \ *NH, 
H,N+ +NH,g 
Xf 

in which the—*+NH,—group acts as a bridge between the two cobalt atoms. 

In contrast with Co(NH,),Cl;, the compound Co(NH,),Cl, is para- 
magnetic and has a moment of 5°3 zs, the moment of CoC], being 5-04 ps, 
which indicates the presence of three unpaired electrons. Hence it is con- 
cluded that in the ion [Co(NHg),]*+, the bond between the central atom 
and the ammonia molecules 1s due to ion-dipole forces. The structure of the 
complex is therefore 


H,N Co%+ NH, | 2Cl- 


| H,N NH, 
| HN NH, 


XT 


The formation of a covalent complex in which the cobalt possesses three 
unpaired electrons and is covalently bound to six ammonia molecules can 
only occur by the excitation of two of the electrons to the 5s and 5f orbitals, 
which would require considerable energy. On the basis of the magnetic 
properties of the complexes of tetrammino cobalt, Pauling has described 
[Co(NH,),]°+ as a predominantly covalent complex and [Co(NH3).]?* as 
predominantly ionic. In confirmation of this conclusion we find that 
Co(NH,),Cl, is not stable and dissociates in water yielding ammonium 
ions, whereas the Co(NH,),Cl, complex is quite stable and the ion 
[Co(NH,),]®+ does not decompose in solution. The Co—N distance in 
[Co(NH,),]°+ is 1-9 A, considerably shorter than that in [Co(NHs),j?+ 
which is 2°5 A. 

The magnetic moments of Mn(NH,),Br,, and Fe(NH3;),Cl, and 
Fe(H,O),Cl, correspond to those of MnSO, and FeCl, respectively and 
in these compounds, as in Co(NH,),Cl,, the bond is largely ionic in 
character. 

In Co(NH,),Cl, the complex ion [Co(NH,),]°+ has been formed by the 
transference of three electrons to the chlorine atoms; no such process 1s 
necessary in the case of Co(NH,)3(NO,)3, since the NO, groups possess an 
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odd number of electrons. The structure of this compound will therefore be 


ALIV 


in which all the bonds are covalent. The negative charge will not neces- 
sarily be located on the cobalt atom but may be distributed on the oxygen 
atoms. We thus have an alternative structure, XV, in which the cobalt atom 
is monavalent, with six o and three 7 bonds 


O- 


X 
+NH, N+—O- 
O- \ f 
Nn Wa A 
N+====Co——+NH, 
/ \ 
O- ‘ 
+NH, N+—O- 
y- 


O- 
XV 


Since in many of the ammino complexes the bond M—*+NH, occurs, in 
which the nitrogen is tetravalent and positively charged, the basic properties 
of the nitrogen atom are reduced and its acidic properties correspondingly 
increased. The loss of a proton is evidently facilitated by increase of the 
positive charge on the hydrogen atom owing to the resonance between 
M—+NH, and M—NH,H?. 

The nature of the bonding forces in ammino compounds which has been 
discussed above may, in general, be applied to the hydrates. Here the 
ion-dipole forces occur in addition to the coordinate bond formed by the 
donation of a pair of electrons by the oxygen atom. We thus obtain structures 
of the type, 

H H 


a Va 
M-—O+t and X7- M—O+t 
Ss 
H H 
In addition to the formation of hydrated cations, bonding of water molecules 


to anions may occur by means of hydrogen bonds as in, for example, the 
sulphate ion XVI 


O- OF «aH 
Nok AS 
S2+ 
fo N vA 
O- Ov..H 
XVI 
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The negatively charged oxygen atoms of the sulphate ion will appreciably 
increase the strength of the hydrogen bond. We thus find that several 
sulphates crystallize with an odd number of molecules of water of crystal- 
lization, one being bonded to the sulphate ion and the remainder to the 
cation, e.g. CuSO,.5H,O (XVI). Four molecules of water are arranged in 


H 
. 
SN 
H,O J H H--O- O- 
\ in 
Cu2t+ O S 2+ 
yo ™N oS WS 
H,O \ H H-.O- ‘O- 
Xf 
O 
i 


XVIT 


a plane round each copper ion, while the oxygen atom of the fifth molecule 
of water is tetrahedrally surrounded by four atoms of oxygen to which it is 
bound by a system of covalent and hydrogen bonds. The first two stages 
in the dehydration of GCuSO,.5H,O evidently consist in the removal of 
the four molecules bound to the copper ion, the fifth molecule is bound 
more firmly, and the structure of CuSO,.H,0O is evidently that shown by 
XVII 
H---O- O- 


With the hydrates of various salts, it is possible to trace a gradation of the 
stability of the bond. This is greatest when it is caused by the superposition 
of covalent and ion-dipole forces and weakest where the molecules of water 
are adsorbed in an irregular manner between the ions, as in NaCl, when 
the water is easily removed without destroying the lattice structure. 
Such crystal hydrates as Na,SO,.10H,O form a special class which are 
best regarded as ice in which the ions Nat and SO,?- are dissolved. The 
formation of complexes between water and such organic molecules as 
ethylene, butadiene and other unsaturated organic compounds is due to 
the possibility of the carbon existing in other valency states. This view 1s 
borne out by the Raman spectroscopic data of TAUFEN, Murray and 
CLEVELAND*® who showed that in the complexes formed between the 
olefines and concentrated solutions of silver nitrate, the characteristic 
frequency of the C=C bond was appreciably lowered (1,584 cm— in the 
complex in place of 1,653 cm~! in the pure hydrocarbon ; for cyclohexene 
the values are 1,539 cm—! and 1,613 cm™?, and for cyclopentene, 1,598 cm—! 
and 1,660cm—!). This shows that the formation of the complex involves 
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the double bond and the nature of the bonds in the complex may be 
regarded as due to resonance between the forms : 


\ / \ / \ / 
C——C+t Ct——_C C=—=C 
LN NN a aa / \ 
Ag Ag Agt 
the last structure being formed by van der Waal’s forces. Similar observa- 
tions have been made for the complex formed between HgCl, and acetylene 
by Freip.ina and NEesMEYANOvV’®, 


INNER COORDINATION COMPOUNDS 


A particular type of non-localized bond occurs in the so-called inner co- 
ordination compounds. This group of compounds may be illustrated by 
reference to the copper salt of aminoacetic acid (glycine). This compound 
dissociates only weakly in solution, it possesses a colour similar to the 
ammuino complexes of copper and does not react with ammonia. ‘These 
properties all tend to show that copper atom has a saturated valency and 
may be explained by considering the copper as bound to both the hydroxyl 
and the amino groups. In accordance with our concept of the nature of 
the bond between a metal and an amino group in such a compound, the 
structure of the complex will be represented by resonance amongst the 
forms I to 1X: 


O=C—O O——C=O O=C—O O——C=0O 
NX. ZH ee 
Cu2- Cu- 
fe fo 
H,C—+NH, +NH,—CH, H,C—+tNH, NH,—CH, 
I Il 
O=C—-O- O——C=O 
) A 
Cu- 
ye 
H,C—+NH, *NH,—CH, 
Iit* 
O=C—O O——C=O O=C—O- O-——C=O 
ee 4 
Cu Cu 
" LON 
Iv ys 
O=C—O- O——C=O O=C—O- yo 
a *Cu 
Jf e » 
H,C—+NH, NH,—CH, H,C—NH, NH,—CH, 
vi* VIl* 
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O=C—O- O-—C=O O=C—O O-—C=O 
\ | 
Cu?2+ Cu | 
| BN | 
H,C—NH, NH,—CH, H,C—NH, +NH,—CH, 
VIII* 1X* 


Resonance will also occur in the structures marked with an asterisk 
between the types O=C—O7 and O-—C=O and both oxygen atoms will 
have identical charge. | 

It was thought originally that in these complexes, the main bond was 
that formed between the copper atom and the carboxylate ion, the bonds 
existing with the amino group being auxiliary. It is now considered, 
however, that all the bonds, whether to oxygen or nitrogen atoms, are 
identical. This is evident since the reaction of the silver salts of the amino 
acids with alkyl halides results in the formation not only of the ester but 
also of the N—-alkyl compound, 


NH, NHC.H, NH, 
i ‘*, / ie 
2C,H, Ag+2C,H,I = C,H, +C,H, 


+2AgI 
\ 
COO COOH COOG,H, 


The formation of inner coordination compounds is connected with the 
presence in the organic molecule of atoms which may exist in more than 
one valency state, ¢.g. 


—O, —O—, —OH, —NH,, =NH, =NOH, =N, =N—, —SH ek 


The formation of such complexes is conditioned by steric factors ; in the 
a- and B- amino acids, when the ring consists of five or six atoms respectively, 
a coordination compound is formed, but an increase in the number of atoms 
separating the amino and carboxylic acid groups (in y, 5, e, ete amino acids) 
generally inhibits the formation of cyclic inner coordination compounds. 

The same principles determine bond formation in the complexes formed 
by the B-diketones. The ability of diketones to form metallic derivatives 
is determined by the extent of enolization, e.g. 


R R 
| 
C=O C—OH 
7 
H.C HC 
\ 
C=O C=O 
| | 
R R 
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The metal may replace the hydrogen atom of the enolic form with the 
formation of a salt having a structure which resonates between X and X/ : 


R R 
¢~0- 6-0 
Ho” Nat HO” Ny a 
C=O Nexo 
R i 
Xx XI 


Owing to the conjugated system of double bonds, the structures X//] and 
XIII are also possible. 


R R 
b=0 6=0 
HC Nat HC Na 
\e_o- Ve6 
R R 
XII XIII 


Thus owing to the resonance between the four structures X to .Y/I/ the 
sodium atom has a coordination number of two. 

The triacetylacetone derivatives of aluminium, cobalt and iron are very 
different in their magnetic properties, the first two being diamagnetic and 
the last paramagnetic, having a moment of 5:9, corresponding to five 
unpaired electrons. Hence it has been suggested that the bonds in aluminium 
and cobalt compounds are covalent whereas those in the iron compound 
are ionic, but SuGDEN?? has pointed out that this conclusion is not in accord- 
ance with the properties of the iron compound, which 1s volatile and soluble 
in non-polar solvents. The formation of donor-acceptor (coordination) 
bonds, as proposed by Pauling, does not explain the difficulty, but if the 
formation of ordinary electron pair bonds are assumed the observed be- 
haviour of iron may be satisfactorily explained. Thus the aluminium 
complex forms the structure XJV. 
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CH, CH, 
6  ¢ 
Hc’ No 4 Nou 
( ( 
/\ aX 


C 
Yo. FOR 
H.C’ ‘cH “CH, 


XIV 


Since aluminium has the electron configuration s2p, which becomes sp? 
when trivalent, this compound will be diamagnetic. The analogous structure 
for iron, d®s?, will leave five electrons unpaired in the d orbitals in agreement 
with the magnetic properties. In cobalt, d’s?, it must be assumed that the 
bonds are formed by pairing of the three unpaired electrons with the 
formation of a diamagnetic complex. 

The experimental data show that the compounds of copper with the 
B-diketones are planar which indicates dsp? or d*p? hybridization. Com- 
mencing with the ion Cu?+ (d%), it is impossible to consider the bond as 
formed by the donation of an electron pair from the oxygen atom, since 
Cu2t has no vacant d orbital?’. It is, therefore, clear that the structure is 
best represented as a resonance hybrid of all possible structures from the 
completely ionic, XV and XVI, to the completely covalent, XVIII 


i 
x 
Ye 


XV XVI 


Sf 

@) 
} 

O 
+ 
+ 
O 
ll 

©) 


é 
io % 
\ 
/ 
\ 


XVII 


In the covalent structure XVII, copper is in the Cu?~ state with five un- 
paired electrons, four of these take part in the formation of four covalent 
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bonds, dsp? hybrid electrons, and the fifth remains unpaired and is 
responsible for the observed magnetic moment of 1°73 ps. 


CONCLUSIONS 


From the above discussion it is possible to draw certain general conclusions. 

Complex formation occurs most extensively with those atoms possessing 
d electrons since, owing to the similar energy values of the d,s and p 
levels, electronic excitation to form new valency states occurs readily. 

In the simple compounds of atoms containing d electrons, not all the d 
electrons are, in general, used in bond formation. The preservation of 
unpaired electrons in the molecule may be related to the intra-atomic 
electronic resonance. 

In the complex compounds, bonds may be formed with all unpaired 
electrons of the central atom or ion, the maximum number of unpaired 
electrons able to participate in bond formation being nine. 

Such groups as CO, NO, CN, NO, efc, in which the atoms can assume 
various valency states, are able to form o and z bonds with the central atom. 

Resonance amongst various valence bond structures occurs with varied 
localization of the 7 bonds and different valency states of the central atoms. 
Thus the valency state of the central atom cannot always be defined and a 
range of valency exists. 

The formation of complexes involving ammonia and water efc, cannot be 
explained solely on the basis of ion-dipole attraction. A significant part is 
played by the different valency states of nitrogen and oxygen and by the 
formation of donor-acceptor bonds. 

The observed configurations of the atoms are in agreement with the 
direction of homopolar valencies of the central atom in the limiting covalent 
structure. 
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THE STRUCTURE OF THE BORON HYDRIDES 


DIBORANE BoHg 


THE BORON HYDRIDES! occupy a special position among chemical com- 
pounds owing to the structural problems that they present. In the case 
of the simplest boron hydride, diborane B,Hg, the problem arises from the 
fact that this molecule contains twelve valency electrons which must take 
part in the formation of seven bonds, six B—H and one B—B bond. The 
molecule BH, does not exist and is evidently rapidly dimerized on forma- 
tion to B,H,. It will be clear that diborane is deficient in electrons and 
cannot therefore be represented by a valency structure involving seven 
electron pair bonds. To overcome this difficulty, Sipcwick, LEwts, 
PAULING and others have suggested that the B—B and four of the B—H 
bonds are electron pair bonds and that the remaining two bonds between 
hydrogen and boron are single electron bonds. As evidence for the possible 
formation of such a bond, attention is generally drawn to its existence in 
the hydrogen molecule ion, where the bond energy is as high as 61 
kcals. | However, the single electron bond occurs only in the hydrogen 
molecule ion and in no other molecule and the suggestion that it occurs 
in diborane is due largely to the fact that no suitable alternative was 
considered to exist. 

Recently the bridge structure J, originally suggested by DittHey? has 
been revived by several authors**, 


who have put forward different suggestions concerning the exact nature of 
the electronic structure. NexKrassov? considered that the stability of the 
molecule was due to resonance between the two forms // and JI : 


H H H H H H 
SF fF We NH 
B B B B 
4. 0X2. 
H H H H H 4H 
WM WI 


SYRKIN and Dyarkina‘, however, have shown by a quantum mechanical 
calculation, that in these entirely covalent structures the resonance energy 
does not compensate for the repulsion of the electrons not taking part in 
bond formation and it is therefore suggested that other possible valency 
states of boron, in addition to the tricovalent form, should be considered. 
Hence the additional valence bond structures JV to VIII have been formu- 
lated amongst which resonance occurs as well as with the structures [/ 
and [/[. In the structures ZV to VIII boron, as well as being trivalent, 
is present in the positively charged divalent and negatively charged 
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tetravalent states. The forms VJ to VIII are much less probable than IV 
and V, owing to the very small BBH bond angle: 


ac H H H H H 
4 BY “pe 4 
ae SS ae a a es 
IV V 
H+ H+ H H 
\ — Zw A, 
H’ H Nu H’ H’ Nu 
Sour structures four structures 
VI VII 
H+ H H 
/ / 
-B——__B 
Yes \ 
H H H 
Sour structures 
VI 


Calculation‘ shows that the energy obtained by such resonance is sufficient 
to stabilize the molecule. This conception of the structure of diborane has 
been criticized by LoncueEt-Hicoins and Betz and by BELL and Eme.eus! 
who point out that there is some distortion of the valency angles in these 
structures since DH, is planar (sp* hybridization), H,B+ linear (sp hybrid- 
ization) and ~BH, tetrahedral (sp3 hybridization) and furthermore although 
there is considerable evidence that molecules with alternate valence bond 
structures may be stabilized by resonance, it is not generally considered 
that two parts of a molecule can be held together only by this method of 
bonding. 

An alternative structure has been suggested by Pitzer’? which may be 
referred to as a protonated double bond and is represented schematically 
in IX: 

H H 
Ne 
f Htn 

H H 

IX 


The protons are regarded as being embedded in the z orbital of the double 
bond. This model accounts for the hindrance of internal rotation which 
occurs in this molecule (see later), but the B—B distance is greater, and 
the force constant lower, than is to be anticipated for a double bond, even 
if allowance is made for some weakening of the bond by the protons. 
From this formula acidic properties are to be expected, but they are not 
observed. Another alternative structure, XY, has been suggested by WALsH® 


a we va 
~ 
B B 
Yo GR 
H H 
: 
396 


H 


THE STRUCTURE OF THE BORON HYDRIDES 


in which it is assumed that the bonding orbitals in a normal B—H bond 
may be used to fill the vacant orbitals of the other boron atom. This is in 
fact only another way of describing the resonance formula J// and III. 

The method of molecular orbitals has been applied to the problem of 
diborane by Mutuikan® who considered both the ethane-like structure and 
the bridge structure XJ which is really identical with the protonated double 


H H 
Me eo 
B=—=B 
f | N 
H H 4H 
XI 


bond structure 7X and which resembles ethylene rather than ethane. The 
latter structure appears most satisfactory and the molecule may be repre- 
sented by molecular orbitals, identical with those of ethylene, which 
embrace the two protons in addition to the boron nuclei. 

The formation of such molecules as B(CH,), and BF, and not the 
corresponding dimers and the absence of the monomer BH, 1s due to the 
stabilization by trigonal conjugation, the most important empirical evidence 
for this being the very short B—X distances. This conjugation results 
from the interaction of the excess m electrons of the outer atoms with the 
vacant orbital of the central atom. In BHs, there are no such excess 
electrons. The structure of BF, may thus be represented as a resonance 
hybrid of the four structures represented by X/J and XIII. 


F F F F+ 
7 NG 
B B- 
| | 
F F 
three structures 
All Alll 


It is thus apparent that a choice between the various theoretical treat- 
ments of the structure of diborane cannot yet be made. We shall now 
consider the experimental evidence for the structure of the molecule which 
is generally interpreted in terms of either the bridge structure J, the ionic 
structure /X, or an ethane type of configuration. 

The x-ray investigation! of crystalline diborane has permitted the 
determination of the position of the boron atoms in the crystal lattice, but 
not of the hydrogen atoms. Consequently these data do not provide 
evidence for the structure of this molecule. 

The diffraction of electrons by gaseous diborane has been studied by 
BavER?!, who originally interpreted the data in terms of the ethane model 
and obtained the following values for the interatomic distances: B—B 
= 1°86 A and B—H = 1-27 A. More recently!*.!3, however, it has been 
shown that the data agree equally well with distribution of atoms in the 
bridge model, the values for the distances being as follows : 


B—B = 1:80 + 0-04A 
B—H onter= 1:23 + 0-03A HBHouter = 125° + 8° 
B—H inser = 1°33 + 0-03A HBH toner = 95° + 5° 
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The structure being represented diagrammatically by XIV : 


H H H 
NN 


95° B 125° 
far 
H H H 


XIV 


The B—H.eur distance corresponds to that in the molecule BH (1-216 A) 
so that it may be considered that this bond in diborane is a normal, single 
covalent bond. The B—H,,,, distance is greater than the B—H.u. 
distance and the bond is therefore weaker. 

Such thermodynamic properties as specific heats are determined by the 
dimensions and modes of motion of the molecules. The only experimental 
data for diborane is that of Strrr’4 who carried out specific heat measure- 
ments from 100° to 300° K, and concluded that the hindrance of rotation 
was considerably greater than in ethane, the rotational energy barrier 
being 4 to 6kcals in B,H, and 3kcals in C,H,. This conclusion, if 
interpreted on the basis of an ethane structure, is particularly surprising 
since the distance between the hydrogen atoms of different methyl groups 
in ethane is 2:26 A, whereas in diborane, assuming the ethane model of 
Bauer, the value is greater, being 2°70 A. The ethane structure must thus 
be rejected. Rotation cannot occur in either the bridge or the ionic 
structures. For the bridge molecule, rotation is replaced by a torsional 
oscillation and the vibrational frequency has been calculated approximately 
by BELL and Loncuet-Hicains} and the vibrational specific heat obtained. 
The results are found to agree with the experimental values at all but the 
highest temperatures. 

The Raman spectrum of liquid diborane has been investigated by 
ANDERSON and Burc!® and the infra-red spectrum of the gas by Stitt?’ 
and Price}®’. The interpretation of these data has been attempted by 
WaGNneER?® and by Bell and Longuet-Higgins. The Raman spectrum 
has two intensive lines at 2,102 cm! and 2,523 cm! which must both be 
attributed to symmetrical stretching vibrations, although the ethane model 
permits only one such frequency. Furthermore, the infra-red spectrum 
contains eight bands all of which appear to be fundamentals compared 
with the five predicted for the ethane molecule. Attempts by Stitt and 
by Anderson and Burg to explain these facts by resonance splitting 
necessitate the introduction of various assumptions. The difficulties of 
interpreting the spectra of diborane are considerably lessened if the ethane 
model is rejected and the bridge model employed in its stead. The 
molecule now more closely resembles ethylene rather than ethane and 
the spectra is in many respects similar to that of ethylene. The most 
important feature is that there are now two types of B—H bond (see 
structure XJ’) to which may be assigned the two Raman frequencies. 

Further confirmation of the bridge type of structure comes from the 
methylation of diborane. It is found possible to replace only four of the 
hydrogen atoms with methyl groups and on further methylation instead of 
B,(CH3)3, two molecules of B(CH,3), are produced. The molecule 
BH(CH,), does not exist as the monomer, but like BH,, dimerizes imre- 
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diately on formation. These results have been discussed by SCHLESINGER 
and Bure” in terms of the bridge structure. 


THE HIGHER BORON HYDRIDES 
The concepts discussed above, permit proposals to be made concerning 
the structure of other boron hydrides which have not been subjected to 
such an extensive experimental investigation as has diborane. The pro- 
posed formulae fall into two groups, that favouring the resonance of 
structures analogous to those represented schematically for diborane in 
IV to VII (Syrxin and Dyatxina*) and that employing the concept of the 
protonated double bond (PitTzER’). 

B,H, — This molecule is represented by Syrkin and Dyarxina‘ as a 

resonance hybrid of the following structures : 
H H H H H H H H H H 

\ 7 Ve 4 Vda \ 7 \ 7 

B- Bt—— B- B+ B+ -B ¥ 


yx oe -- uh oe - ihe XS 
H H HH 4H 4H H H HH HH 


As pointed out above, it is doubtful whether resonance alone would be able 
to link the two outer boron atoms to the central group, although the ready 
dissociation of this molecule is explained by the looseness of this bond. 
A more fundamental objection is the small value of the B-B+H and B+*B-H 
angles in the central group of atoms. The protonated double bond 
structure is : 


The main objection to these formulae would appear to be the full negative 
charge existing on each boron atom, 
B,H,— The proposed structures are : 


i 1 
H a: H H Px H 
NF ee <I XH 
B B B B 
/ / \ \ 
H H H H H H H H 
i / \ 
|; een) | B——_—_-B 
/ \ / \. 
H H H H 
H H 
| | 
HO YX OH HO OY\ oH 
ee << \ 
B- B- Bt Bt 
YR. 6G & 
H H H H H H H H 
NUP se Or, 
Bt B+ B- B- 
/ \ / \ 
H H H H 
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and 


— —~ 
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H H 
ee 
H+ H+ 
Ty Ae 
B-— B- 

/ \ 

H H 


B,H,,— In this compound the structure may be represented as i 
resonance hybrid of the following forms : 


H H 
H aN H H H H 2 
H H H 
NF F- \ 7 7 \ \ 7 * ou 
B- +BY B- _——B+ B+ B= B+ B- 
LN \ LN \ Va YN A AN 
H H H H H H H H H H H H 
H H 
| | 
H H Tan H H H H : H H 
er / X \7 \ i wz I 
B B B B B B B B 
/ 4 N fN \ JN ~\ li 4 N 
H H H H H H H H H H H H 


B,H,) — For this molecule the following structures have been proposed : 


-BH, *BH, 


\ 

Bae 

+BH, -BH, 

BH, BH, 
f{ » 

H,B—-B +BH—BH, H,B—*BH -BH—BH, 
\ 
BH, BH, 


la‘ 
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BH BH ” " 
H H 
a * \7Z a \ Z / 
H,B—B +BH B- B -B a 
Hh” Nu Nu H 
BH, BH, 
1b! 
H H H 
NF ] 
B- B 
H+ || H+ H Y~\ H 
B- \ 4 a 
H yr \. OH B- 
“3 Na H+ | H+ H+ | H+ 
Spat / \ SS 
f HFN > va 
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B,H,,— The following structures have been proposed for this compound : 
a chain structure, 


H 4 +BH, L ‘a > : 
H,B- Be Ne Nu H,B+ Nat NX 
NON X48 
H H H H H 
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B,oH,, — According to Syrxin and Dyatxkina‘ this molecule may be 
represented by the following possible structures : 


HB BH BH 
x *s / 
HB- Bt ~BH HB+ Ww Nu 
aa i \ 
H H a ye H H HH HH H 
ee 7 
HB+ oe yen HB- Bt ~BH 
HB BH “up” Nau” 
la 
+BH, BH, 
H,B—BH B=B BH—BH, 
-BH, +BH, 
four structures 
BH, BH, 
/ Va 
H,B—~-BH +B= B- +BH—BH, 
BH, BH, 
Sour structures 
Ib 
BH LH, 
ye / H H 
VA \ / er 
H,B—B BH—B +BH B- 
\ YN 
H H 
BH, BH 
BH BH, 
Si Pe 
/ He 
H,B—B BH—B -BH + 


BH, BH 


Nexkrassov? has suggested a naphthalene-like structure for this molecule 
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which has been modified on the basis of the idea of the protonated double 


bond to give the formula’ : 
H H 


i i 
N06 


| 
ye B be 
r ee a - 
HOW 

An investigation of the structure of decaborane has been recently carried 
out by Kasper, Lucut and Harker?! by single crystal x-ray diffraction 
methods and the results would appear to indicate that none of the above 
formulae are correct, since the location of the boron atoms is as follows : 
No suggestion has yet been made, how- 
ever, as to the nature of the bonds 
linking the atoms in this structure. 

It will be clear from a consideration 
of the structures given above that it is 
no longer necessary to assume a single 
electron bond to explain the structure of 
the boron hydrides. The main objections 
to the two groups of possible structures 
given are that in the forms proposed 
by Syrkin and Dyatkina the resonance 
energy of the molecule is regarded as 
sufficient to bond the separate parts of the molecule together and although cal- 
culation appears to show‘ that the energy thus obtained is sufficient to produce 
a stable molecule, the method has been criticized® on the grounds that the as- 
sumptions made in the calculation are not valid. The objection to the Pitzer 
formulae are that all boron atoms taking part in the protonated double bond 
bear a negative charge which would appear to produce instability. 

The properties of the hydrides show that B,Hy, BgH,) and ByjH4, are 
more stable than B,H, 9, B,H,, and B,H,,. This is understandable on 
both proposed formulae since the more stable compounds are shown to 
possess more resonance structures and more B—B bonds, or a cyclic in 
place of a chain structure. The instability of the B,H,, ring structure 
may be attributed to the fact that each boron atom is negatively charged. 

Diborane forms several compounds in which decomposition to BH; has 
occurred during the course of the reaction, e.g. 

B,H, + 2CO = 2(H,B-—C=O*] 

B,H, + 2N(CH,), = 2{H,B-—N+(CH,)s] 

The product of the reaction of diborane with ammonia is generally written 
in the form B,H, (NH,), in which it would appear that the ion (B,H,)*~ 
occurs, but since B,H, does not show acidic properties, it would be more 
correct to give the structure as 

[-BH,—*NH,—-BH,] +NH, 
which is in agreement with the behaviour of this compound in liquid 
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H+ | H+ H+] H+ H+ 


Figure 74. Structure of decaborane 
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ammonia”® and further evidence for this structure is shown by the existence 
of a B—N—B system in B,N,H, and B,NH,??. 

For the structure of B,NH, two structures have been proposed: J which 
is similar to dimethylamine and which since both N—B bonds are donor- 
acceptor bonds, should perhaps be written more correctly as Ja 


H H H H 
NTF Ne 
B- B 

\ YN 
H vA H 
H—N?+ H—N 
bag H 
Ee ee 4 
B- B 
YN 7X 
H H H H 
I la 


H H H 

a <7 

H ; H ec 
oF ci 

N+ H N+ H 
a ped wa \ 
J; la 
H H H H 
I] 


The electron diffraction data do not permit a choice to be made between 
the two formulae, but the chemical] evidence indicates that the second 
formula is probably correct. 

The structure of triborane triamine (borazole), B,N,H, appears to be 
analogous with benzene??. The analogy, however, is not complete since 
in triborane triamine the greatest contribution to the molecular resonance 
will be given by the single bond structure 


H 


| 
B 
ce ars 
N N 
, | 
“\/™ 
i 
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and the double bonded configurations 


H H 
| | 
B- B- 
H s H H wr << H 
Nee / NS / 
N+ Nt N 
| | | | 
B- B- B 
VaaN \ / \ 
H NN H H H 
Nt +N 
| | 
H H 
lwo structures three structures 


will play a lesser role, owing to the fact that the charge distribution so 
introduced is contrary to the relative electronegativities of the boron and 
nitrogen atoms. As a consequence the B—N distance is only 0-06 A shorter 
than in a single bond. 

The product of the addition of four molecules of ammonia to B,Hyjp 1s 
generally written (B,H,)(NH,),, but such a formula, suggesting the 
existence of a (B,H,)*~ ion, is unlikely in view of the instability of BgHy) 
and the lack of acid properties of B,H,. The structure is more probably 
represented by 


oN 


i H,B- 
\ 
: +NH—-BH,—*+NH,—~BH, 2(NH,)+ 
| a 
H.B 


L 


One of the most important reactions of diborane is its interaction with 
amalgams of highly active metals, e.g. sodium and potassium, to give 
compounds such as K,B,H,, which are sometimes referred to as salts of 
diborane. These compounds are non-volatile, insoluble in liquid ammonia 
and common organic solvents and react with water. Consequently their 
formulae have been determined from magnetic measurements and not 
from molecular weight determinations. The addition of two electrons to 
the electronically unsaturated diborane, 


BH, + 2e > (B,H,)?- 


leads to the formation of an ion analogous to ethane and therefore expected 
to be stable ; in fact the diborane salts are more stable than diborane?® 
It would appear therefore that the structure of these salts is represented 
by the formula 


Messy Tus ee 


2K+ [H,B-—-BHg] 


In connection with the marked increase of stability of these compounds 
it is interesting to notice that whereas B,H, does not exist, the corresponding 
salt K,B,Hg is known ; evidently it possesses the structure 
[H,B-—BH—BH—"BH,] 2Kt 
Schlesinger and Burg? describe many metallo borohydrides which are 
metal-boron-hydrogen compounds containing unusually large amounts of 
hydrogen, prepared by the action of diborane on the metal alkyl compounds. 
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Lithium borohydride is a salt-like substance to which the formula +Li~BH, 
may be ascribed. The structure Li——BH3H 1s less probable and evidently 
for this reason lithium borohydride does not react with trimethylamine. 
On the other hand Be(BH,), is unlikely to have the structure 
“BH, Be?+ ~BH, since it is volatile and possesses few salt like properties. 
The structure is therefore formulated as 
H+ -BH,—Be—-BH, H+ H+ -BH,—Bet+ -BH, 

Sixteen structures etght structures . 
Beryllium borohydride reacts with triethylamine to give the compound 
Be(BH,).N(CH3),. The structure of this compound is not fully under- 
stood, but may be represented by 

-BH, +Be—-BH, +NH(CH;), 

or 

H+ -BH,—Be—-BH, +NH(CHs,), 


Aluminium borohydride AlB,H,, possesses no salt like properties and 
its structure may be represented by 


H+ H,B- H+ H,B- 
\ 
Al—-BH, Ht and Al+ ~-BH, 
4 
H+ H,B~ H+ H,B- 
sixty four structures forty eight structures 


This cornpound readily reacts with trimethylamine to give AlIB,H,N(CH,)s. 

An important feature of all the above structures 1s the presence of boron 
in the negatively charged tetravalent state. Similarity with the boron 
hydrides is shown by other members of the third group of the periodic 
table. Thus gallium forms a hydride* having the formula Ga,H, and 
the structures of Al,Cl,, Al,Br,, Al,I,, Al,(CH,),Cl,, Al,(CH,),Br. have 
a similar configuration® to that occurring in B,H,. ‘The structure of 
Al,(CH3), is not completely understood, the electron diffraction data 
indicating an ethane structure and the Raman spectra” an ethylene type 
of structure. 
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16 


THE SOLUTION OF THE THREE ELECTRON 
PROBLEM USING SLATER’S METHOD 


THE REACTION OF ATOMS WITH MOLECULES 


IN THE HYDROGEN molecule, the valencies of both atoms are fully 
saturated and it is not possible to form a third bond to give the molecule 
Hs, since such a molecule is thermodynamically unstable by comparison 
with the system H, + H. The molecule of hydrogen may therefore only 
enter into reactions of the substitution type, 


abtec=atbe 


for which the reaction between a hydrogen molecule and deuterium may 
serve as an example : 
H—H + D=H+H—D 


When the atom ¢ is a considerable distance from the molecule ad, the 
distribution of the electrons may be considered to be, 


at Jo te 
1 2 3 
I 


The electrons 1 and 2 are transferred (exchanged) between the atoms a 
and 6 thereby furming the covalent bond in the molecule ad ; electron 3 
at this distance takes little part in the exchange phenomenon. As atom ¢ 
approaches ab, owing to the non-localization of the electrons the possibility 
of an electron transfer between the molecule aé and the atom ¢ increases. 
Let us consider first the possibilities of transfer when the bond between 
a and 6 is maintained ; this can only occur when electrons 1 and 3 are 
exchanged since the transfer of electrons 2 and 3 is prohibited by Pauli’s 
principle. The bond in the molecule ad is now formed by electrons 2 and 3, 
electron 1 having been transferred to the atom c. Such a transfer of elec- 
trons with parallel spins leads to an increase in the potential energy of the 
system (see Chapter 3) and the approaching atom is therefore repelled. 
Thus, in order that an atom may approach a molecule, its translational 
energy must be such as to overcome this energy of repulsion. 

However, owing to the delocalization of the electron, the electron 2 may 
transfer from its original position to a position between the nuclei 4 and ¢, 
i.e. it transfers from an ab molecular orbital to a dc molecular orbital and 
the system now consists of an atom a and a molecule be, 7.e. 


a+ b L te 
] 23 
I 


Since the distance between the atoms 6 and ¢ is greater than that between 
a and b, the new bond is considerably weaker than the original. Never- 
theless the state J/ is superimposed on the state J if the atom ¢ approaches 
sufficiently near to ab. Owing to the fact that electron 2 is now not always 
taking part in the formation of the bond between a and 3, but also par- 
ticipates in the bond between 6 and c, the bond a—é is weakened. Thus 
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an approach of the atom ¢ to the molecule ab produces a stretching of the 
bond a—8é. 

The repulsion of ¢ from ab (owing to the transfer of electrons 1 and 3) 
increases as ¢ approaches ab. Simultaneously the state a—bc becomes more 
probable and resonance between the states a—bc and ab—c somewhat 
decreases the energy of repulsion. Thus, although it is necessary to expend 
energy as translational energy in order to bring atom ¢ up to the molecule 
ab, there may ultimately be attained a state! in which 5 is equally joined 
to both a and c. This active complex or transitional state may be 
represented as 


It does not represent a stable state and corresponds to the atomic con- 
figuration at the highest point of the 


potential energy curve. The energy ex- 
pended in bringing the system from the 
state J to this configuration represents the E, 


energy of activation for the substitution 
reaction. 

The energy changes during the reaction | 
are represented 1n Figure 75. As explained a 
above the energy at first increases, passes -~--_ : aoe 
through a maximum and then falls tothe #8" 75- Piel of activation for 
energy of the final state. Eg, represents bites gerne 


the magnitude of the activation energy of the forward reaction 
ab +cat be 

and Eg, represents the activation energy of the reverse reaction 
a+be->ab+e 


The difference Eg, — Eq, = 4H, is the change in the heat content for the 
reaction. 


SLATER’S METHOD 


We shall now consider the system of three atoms quantitatively using the 
method described by SLATER?. We shall refer to the three atoms by the 
letters a, bandc. At great interatomic distances the electron of each atom 
is found only in the field of its own nucleus. We shall call the electron of 
atom a, 1 ; of atom 4, 2; and of atom, 3. The state of the first electron 
is described by the wave function (1), of the second by y¥,(2) and of 
the third by (3). If we now assume that the movement of the electrons 
in the atomic orbitals is not affected by the presence of the other atoms 


(see Chapter 3), we have 
Py = Ya(1) $o(2) $-(3) vo (16.1) 


In order to simplify the symbols, we shall represent ¥. by a, yy by b 
and ys, by ¢ and we shall always place the function describing the first 
electron first, followed by the function for the second and third electrons. 
Thus the expression , = abc indicates that the electron 1 is located at a, 
electron 2 at 4, and electron 3 at ¢, 1.¢. 


py = abe = Wa(1) ¥r(2) ¥,(3) 
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Similarly the function %, = dca indicates that the electron 1 is at 4, 
electron 2 at c and electron 3 at 4a, t.¢. 


pe, = bea = pr(1) (2) p.(3) 


For the complete description of an electronic state it is also necessary 
to indicate the direction of spin. Each electron may have a positive or 
negative projection of 

Table CLXXI. Spin States for a Three Electron System the spin a ngula r 

| momentum, s, and 
, Third electron therefore in a system of 


First electron | Second electron 
three electrons, 2° = 8 


me | | 


s | function’ s | function| s different combinations 
— | —__——. are possible. These 
1 | +4] a(t) | +4} @(2) +4] (3) | +4 eight states are given 
2) Fey ote FE) oQ TE) 2G) | EE im Table CLXXI where 
; 1-3] BO) |) +h] ale) +44] @ (3) 44 the values of's for each 
| | | electron are given, to- 
5 Aan | a as =} 3 3 4 Jad with the value 
< : Dn he ale 3) | — # of Us, being the total 

7 |=4 A(1) | —~$ | A(z) ' +4] @(3) | — 4 , 
By 8] eu) a. pa) )-4| 2) a a es Poteet hee 


electrons. 

There thus exist eight 
states of a system of three electrons for a given arrangement of the nuclei 
in space. The first state corresponds to the function : 


a(1)a(2)a(3) 
and the total wave function of the system is 
$1 = Pa(1)a(1) po(2)a(2)$,(3) a(3) - ++. (16.2) 
or using the simplified nomenclature 
¢, = aabaca .... (16.3) 


The first term aa, t.e. ,(1)a(1), represents the complete wave function 
of the first electron which is a product of its space function (1) and its 
spin function a(1). Similarly ba and ca are the complete wave functions of 
the second and third electrons. Thus the eight states are characterized 
by the following functions : 


As the atoms approach each other, the 


¢, = aabaca ¢,=aabBcB electrons may exchange places and the 
¢, = aabacB $, = aBbacB number of possible variations of the three 
¢, =aabBca ¢,—=aBbBca electrons between the three nuclei is 3 ! 
¢,=aBbaca ¢,=aBbBcB = 6. These are given in Table CLXXII. 


..(16.3) The total number of wave functions de- 

scribing the possible states of the system 

consequently is equal to 6 x 8 = 48. In order to satisfy Pauli’s principle it 

is necessary to obtain the antisymmetric linear combinations of these 
functions (see Chapter 3). Let us consider, for example, the function : 


and obtain the appropriate antisymmetric combination. For this purpose 


we need not consider the linear combination of all the forty-eight functions, 
but only of the six which are obtained from ¢, on rearrangement of the 
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electrons. We shall denote Table CLXXII. Arrangement of Three Electrons 
the rearrangement by Pu, Between Three Nuclei 

where the subscript indicates 
the electrons that have been 


| First electron | Second electron | Third electron 


exchanged. Thus Pd, indi- annie aes Es a hae 
cates that in the function ——¥§ 
ds, a rearrangement of the 1 = abc a b c 
electrons has occurred. in Y= ie A A b 
the first case we have the *"* ” | ° : 
rearrangement which is yy, = cba! ¢ b a 
identical with the original Ws = 4ca_ b | ¢ a 
so that no change is notice- «= ©? | ‘ | . : 
able ; this we shall denote : 
by P- so that 
Pid, = $3 = aabPea .. + (61.4) 

The exchange of electrons 1 and 2 gives, 

Piob, = Pj,aabBca = bBaaca saws (L055) 
The exchange of electrons 1 and 3 gives, 

Pi5¢5 = P,¢abfca = cabfaa .. (16.6) 
The exchange of electrons 2 and 3 gives, 

Poss = Po3aabfhca = aacabB .... (16.7) 
The exchange of electron 1 with 2 and 2 with 3 gives, 

Pie3%3 = Py.,40bBca = bBcaaa . . (16.8) 
and finally the SG of electron 1 with 3 and 3 with 2 gives 

P330¢3 = Py3,4abBca = caaabp . (16.9) 


The six rearrangements of the three electrons may be divided Sais two 
classes according to the number of pairs of electrons that have been ex- 
changed. Thus on the exchange of one pair of electrons, the rearrangements 
are P,,, Pys and P,, and are termed odd. The remaining rearrange- 
ments P,, Py., and Py3, are even, since the number of pairs of electrons 
exchanged is zero or two. In order that the linear combination of the 
functions be antisymmetric, it is necessary to take the functions corre- 
sponding to even rearrangements with a positive sign and those with an 
odd rearrangement with a negative sign. The following wave function is 
then obtained : 

®, = aabBca + bBcaaa + caaabB — bBaaca — cabBaa — aacabB 
. (16.10) 
This expression may be written as 


= 2(—1)*Paab fea oe (16.01) 
P 


where Paabfca gives the particular rearrangement of electrons between 
aa, bB and ca and the term (— 1)? gives the sign of the function during 
a given rearrangement. If the rearrangement is even, then P is even, and 
(— 1)? = +1, and when P is odd, (— 1)? = — 1. 
The function 16.10 is antisymmetric, as shown by exchanging electrons 
I and : when we obtain, 
= bBaaca + cabBaa + aacabB — aabBca — bBcaaa — pear 
16.12) 
which is identical with 16.10 apart from the reversal of the sign throughout. 
Rearrangement of electrons 1 and 3 or 2 and 3 leads to the same result. 
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We have so far considered only the formation of the antisymmetric function 
®, from the function ¢,, but there will be in all eight such functions, 
corresponding to the eight possible spin combinations (Table CLXXI). 
These are : 

one with Ls = + 3/2 


%, = u(— 1)? Paabaca 
three with Ls = + 1/2 
@ 2(— 1)*PaabacB 
®, = 2(— 1)*Paab Bea 
@ 2(— 1)*PaBbaca 


three with Xs = — 1/2 .... (16.13) 
(— 1)*Paab Bc B 


@, = & 
P 

®, = X(— 1)*PaBbacB 
P 

® &(— 1)*PaBb Bea 
P 


and one with Zs = — 3/2 
®, = X(— 1)’PaBbBcB 
P 


In order to obtain the possible energy levels of the system of three atoms, 
it is necessary to take the linear combination of the eight functions in 
equation 16.13 with arbitrary coefficients and determine the values of the 
coefficients when the energy has a maximum value. The procedure is 
analogous to that given previously for two atoms of hydrogen, but in place 
of two similar equations for ¢, and ¢,, we obtain an expression with eight 
unknown coefficients. The secular equation will consist of eight rows and 
columns. The roots of this equation, eight in number, will give the possible 
values of the energy of the system. The equation is of the following form, 


Hy,—E H 1,—ES 15 H13—ES)s 5. H 1g —ES). 

H yg—ESy9 Hg —E H 93 —ESo arias H og —ESog 

H 13—ES) H 93—ESo3 H,—E para H 3g —ESoe = 0 
H 1g—ESi H 9g —ES'9g H 3g — ES cae H yg —E 


.... (16.14) 


where FE is the energy of the system, # is the Hamiltonian operator and 
Hy, = [0,HO,dr Hyg = [OHO dr Sy = [O,P.dr ete 


Let us now consider the evaluation of the integrals entering into this 
equation. The functions of equation 16.13 must be normalized te. it 1s 
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necessary to determine the coefficient of ®; such that [o,2dr = 1. However, 
we shall carry out the evaluation of the integrals [2dr first without the 


normalization coefficients ; let us consider the particular case of { ®, 2dr. 
The function ®, is given by : 
o, = u(— 1) *PaabacB 
= aabacB + bacBaa + cBaaba — baaacB — cBbaaa — patiery 2 


The square of this expression will contain twenty-one terms, six being 
squares of the individual terms in equation 16.15, 7.e. of the form (aabacf)? 
and fifteen being products of the form 2(aabacB)(bacBaa). It is therefore 
necessary to evaluate the six integrals of the general form, 


| (aabacB) (aabacB) dr .. 2. (16.16) 


and the fifteen integrals of the general form, 


2{ (aabac) (bacBaa)dr -.. (16.19) 


The independence of the spatial and spin functions from each other 
permits us to carry out two separate integrations, one involving space 
coordinates and the other the coordinates of spin. Thus 


| (aabacB) (aabacB)dr (16.18) 
becomes 
f (abe) (abe) dx dy dz dxqdy gdz_dvqdyqdz5 | (aa) (aaf)dwdwdws 
.... (16.19) 


In this expression the coordinates of space and spin are independent of 
the electron and the integration may therefore be derived separately for 
each electron. Thus equation 16.19 becomes : 


f a®(1)dr, f b2(2)dr, [c2(3)dr, f a2(1)dw, [ a2%(2)dorg [ 8(8)dw 
....(16.20) 


where dr, is the element of volume in space equal to dx,dy,dz, of the first 
electron and dw, is the spin coordinate for the first electron ; dr, and dw, 
are the respective elements for the second electron and dr, and dw, those 
for the third electron. 

Since only two values of the spin quantum number are possible, the 
integration may be replaced by a summation of the two possible values, 
viz +4 and — 4, hence we have : 


fa%dw = a%(+4) + o%(—}) 
[edu = B2(+ 4) + B2(— 4) .... (16.21 
f ado = a(t $)B(+ 4) + a(— 4)B(— 3) 
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But according to the definition of the function a and 8 (see equation 3.101) 
we have : 


(+H) =1 a(-3)=0 BX+2)=0 BX-H=1 
.... (16.22) 
Hence it follows that, 
fa%de =] | Pde = ] [aBdw = 0 .... (16,23) 


and the spin functions are normalized and orthogonal. 


From equation 
16.23 it follows that, 


{ a*(1)dw, {a%(2)dw, { B2(3)dw, = 1 .... (16,24) 
so that 
i (aabacB) 2dr = fat(jdr, | b2(2)dr, [e2(8)drg ... (16.25) 
The space functions are also normalized to unity so that, 
[arr =} [o%dr =} [ear =1 ... (16.26) 


and consequently each member of the term {(aabacp) 2dr will be equal to 
unity ; there are six such terms. 
Let us now consider the integrals of the type : 


| (aabacB) (bacBaa)dr 


which may be rewritten as follows : 


fa(1)o(1)dr, [6(2)¢(2)dr, fe(8)a(8)drq [a%(1)dw, fa(2) B(2)derg [ a(3) A(3)deog 

... (16.27) 
It is evident that this expression must equal zero on account of the term 
{ aBdw, (see expression 16.23 above). Therefore, in all expressions that 


contain the integral of two wave functions involving a different arrange- 
ment of spin functions in the spin terms, e.g. aaB and aa, the resulting 


occurrence of the [ade term will make the term equal zero. Thus of the 


fifteen products in f ®@,*dz, the following integrals equal zero : 


[ (aabacB)(bacBaa)dr f (bacBaa)(cBbaaa)dr | 

J (aabacf)(cBbaaa)dr —_{ (cBaaba)(baaacB) dr 

J (aabacB)(cBaaba)dr —{ (cBaaba)(aacBba)dr 

J (aabacB)(aacBba)dr —_{ (baaacB)(cBbaaa)dr ene ae 
[(bacBaa)(cBaaba)dr (bac) (aacBba)dr ! 

| (bacBaa)(baaacf)dr —_f (cBbaaa)(aacBba)dr 


414 


THE SOLUTION OF THE THREE ELECTRON PROBLEM USING SLATER'S METHOD 


There remain three products with identical arrangements of spin functions : 


2[ (aabacB)(baaacB)dr 
2[ (bacBaa) (aac Bba)dr .... (16.29) 
2 f (cBaaba)(¢Bbaaa)dr 

The first of these integrals, i (aabacB)(baaacB)dr is equal to : 


fecayo(ydr, { b(2)a(2)dr, [e4(8)drg a%(1)de, | a2(2)dw, | B2(3)dw, 
....(16.30) 


Owing to the normalization of the spin functions and the function [e2(3) drs, 
equation 16.30 simplifies to : 


facays(1)dry [6(2)a(2)drg 22. (16.31) 
In Chapter 3 we have denoted the integral fetadr by S, so that 
fa(1o(ydr, [o(2)a(2)drg = S? ... (16.32) 


In just the same way the integrals [payer and | owed are also equal 


to §. When the integrals are not orthogonal, they have a value which is 
always less than unity and in Slater’s method it is assumed that the values 
are sufficiently small to enable the square of the functions to be neglected. 
This assumpuon is only justifiable at large distances between the nuclei 
and the disregard of the non-orthogonality of these functions at distances 
of the order of 10-$cm is a considerable approximation. On neglecting 
the square of the non-orthogonal integral S, the Heitler-London cquation 
for the energy of the hydrogen molecule (equations 3.91 and 3.92) becomes 
C + A instead of (C + .4)/(1 + S?). For the case of the hydrogen molecule 
in which the hydrogen atoms are at the equilibrium distance, S = 0-75 
and S? = 0°56, thus the neglecting of S? introduces an error of approxi- 
mately 30 per cent, but the attempt at calculation taking the non-ortho- 
gonality into account involves considerable mathematical difficultics. 
If S$? is approximately equal to zero, then the integral 


{ (aabacp) (baaac B)dr 


and the remaining integrals of equation 16.29 are zero and hence in the 
integral [2dr there remains only the six terms of the type [(aabacB)*dr 
each of which is equal to unity. Thus 


[2dr =3!=6 .. (16.33) 


In the gencral case, with n clectrons, the total number of such integrals 
will be n ! 


Let us now introduce into the function ®, the factor 1/\/n! = 1/\/3 4, 
so that 


[ 2dr = 1 2. (16.34) 
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and the function ®, is normalized. The same normalizing factor 1/+/6 
will apply to all the remaining functions in equation 16.13. To show that 
this is so, let us evaluate the integral : 


[o,%¢r = fxu- 1)*Paabaca. &(— 1)*’P’aabacadr 

P r’ .. (16.35) 
This function will also consist of twenty one terms, six of which will be of 
the form { (aabaca)*dr and equal to unity, the remaining fifteen terms are 
of the form : 


{(eabaca)(baaaca)dr = { a(1)b(1)dr, { b(2)a(2)dr, [e?(8)drq x 
x fa%(1)dw, [a?(2)dw, [a?(3)dug (16.36) 


which correspond to the rearrangement of the first and second electrons. 
In this case the spin functions are the same, being (aaa) (aaa), but the 
terms become zero since each will contain S®. 

Thus on normalization and assuming S? = 0, the eight functions of 
equation 16.13 may be written : 


®, = va z (- 1)*Paaboca sO, = aa E (— 1)*Paabpcp 
6, = sar —1)*PacbacB o, = vat * (— 1)*PaBbacB 
$,= rea E(—1)Paabpea = a (— 1)*PaBb Bea 
O,= sa %(—1)"Pafbaca = arte (— 1)?PapbBcB | 


. (16.37) 


Let us now obtain the ndn-orthogonal integral of two such functions, 
or example S,5. This is 


So3 = sr) (— 1)*PaabacB 4 (— 1)?'P’aab Beadr 
. . (16.38) 


and will consist of thirty six terms. It was shown above, however, that 
only those terms in which the same rearrangement is produced in both the 
first and second parts are not equal to zero (otherwise the term will contain 
S? and therefore be zero). But if, for example, in both parts of the term an 
identical rearrangement is made v1z 


| (aabacB)(aabBea)dr = far(d)ar, { b2(2)dr. [c?(8)drg x 


x J a2(1)dw, f a(2) B(2)dwe J a(3) B(3)dw, .... (16.39) 
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the integral becomes equal to zero on account of the a(2) B(2)dw. term. 


In any other rearrangement the spin function of the first and second multi- 
pliers is different and consequently 


Sos = 0 ... (16.40) 


In exactly the same manner all the remaining non-orthogonal integrals 
equal zero and it is therefore possible to rewrite the secular equation 16.14 
in the form : 


Hr» Hoe—E H 03 H a4 H 95 H o¢ H 97 H 29 
H 15 H 93 Hy,—E HE 34 H 35 H 36 H 37 H 39 


| 
Hy,—-E Hy» Hy H 4 H 5 H 16 Hy Hr 
Hrs H 04 H 34 Hyg—E H 45 H 46 H 44 H a9 
| 
| 


H 15 H o5 H 35 H 45 Hy,—E H 56 H 59 H 5 =0 
H 16 H x6 H 36 H 46 H 56 H og—E H 67 H 6g 
H 14 H 02 H 59 H a9 H 5. H 67 Ha.—E KH a8 
Hig Hag Hyg Hyg Huy ggg Haw 
| 
(16.41) 


Equation 16.41 may be considerably simplified by dividing it into several 
equations of lower order corresponding to different values of Xs. This is due 
to the fact that the functions ®@ for different values of Xs are combined with 
each other. If i and & refer to functions having different values of &s, 
é.g. t= 1 (Ls= + 3/2), and k=2 (Xs = +}4), then it is possible to 
show that all the #g integrals are equal to zero. Let us take #4, 
as an example. 


Hy = | 0, HO,dr 
1 
= iJ (— 1)Paabaca % E(— 1)" P’aabacBdr ....(16.42) 


The operator # is not dependent on spin and hence the integration of 
the spin terms may be considered separately. The terms of equation 16.42 
on expansion give, 


{ a(1)5(2)¢(3)a(1) a(2)a(3) %a(1)(2)c(3) a(1) a(2) B(3) dr 
202 (16.43) 
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and this expression may be rewritten in the form 


fe 1,b(2)e°B} Hall b(2)e°B)drydrgdry [a*(Ijdw, [a%’2,de, [a(3)A(3)dorg 
. (16.44) 


Clearl-- it becomes zero as a result of the orthogonality of the spin functions. 
In the group of terms before the operator in equation 16:43 we have 
the spin terms aca and in the group after the operator aa§ so that in any 


rearrangement of electrons the term | a3dw must be introduced and 


Hy=O os. (16.45) 


The integrals #, are not equal to zero in those cases when integrals 
o: the form 


[abe Xabeds fo? 1) a?(2)a2(3)dw dw dw, 2. + (16.46) 


[abe Xabeds fer LV a?’2) B73) dw dwadwes aoc YO.49) 


in which only the square of the spin functions and not their product enter 
into the resulting expression. In order for this to be so it is essential that 
the total value of the spin quantum number 5; is the same in both functions 
db, and @ Evidently the state 6, ‘Ls = + 3/2, three a spin functions) 
does not combine with any one of the remaining states of the system. This 
will also be the case for D.. when Ls = — 3 2 and all spin functions equal 8. 
The three states 6,, , and ®, correspond to Ls = — $ (two a functions 
and one 2... Among the diac six terms of each produc: ®,9,, DD, and 
@,2,, there is the same arrangement of electrons and hence hese ne 
states may combine amongst themselves, but not with others. In the same 
wav ©, ®, and @., corresponding to Ys = — } (two 3 functions and one a), 
may combine only with each other. 


0 o)— 


Thus the integrals : 


ao ~~ ~~? ~ ~~. 
* 39: * 335 ane © 15 X 163 Fix 5: 


F 553 ® 4s © 409 “© ga) 
Ke. Sen and 2% 


equal zero and the integrals : 

# yy Aare % 33; F yy F 55: H 55. Kaz H a5; 

F 3: F 04: Fx) Fs, R535 an4 x ¢: 
these data in equation 16.41 we have: 
ae 


im 


are not equal to zero. Substitut:: 
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H,-E0 0 0 0 0 0 0 

0 H y,—E Hoy H 34 0 0 0 0 

0 H 33 Hyys—E Hy 0 0 0 0 

0 H 04 H 34 Hyy—E 9 0 0 0 =0 

0 0 0 0 H os —E # 56 H 57 0 

0 0 0 0 H 56 H gg—E X o7 0 

0 0 0 0 H 59 # 67 H,—-E 0 

0 0 0 0 0 0 0 H yg—E 
| ... (16.48) 
which may be rewritten in the form of a prec: 

Voth le Cx NPE He 

(H,,—E) (H5,—E)|H 23 H y,—-E Hy, H 56 Hegp—-E Her |=0 


| 
H 94 H 34 Par eee H 2 Hy,—-E 


....(16.49) 
The equation of the eighth degree is thus reduced to two of the first degree 
and two cubic equations. It follows that one solution is 
H,, —-E=0 
and 
Hye 
This solution corresponds to a state of the system of three electrons in 
which all electrons have parallel spins; all three atoms are therefore 
repelled from each other and this is the most unfavourable energy state 
of the system. 
Let us now calculate the values of the integrals #,,, Hoo, Ho 
etc. We shall consider first the integral #,). 


Hy, = | ,XOdr = a | E(—1)*Paabaca # E(—1)""P'aabacadr 


.... (16.50) 
All the thirty six terms will contain 


f a*(1)a2(2)a2(3)dedwadw, = [ J atdw }3 —.... (16.51) 


which, being normalized, is equal to unity. It is therefore only necessary 
to consider the function of coordinate space of ® and hence 


Hi = - [= (+1) *Pabex E (— 1) *Pabeds 


oo. (16.52) 
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2(— 1)*Pabc refers to the six terms : 


abe — cha 
bca — ach 
cab — bac 


so that #,, is the sum of the thirty six integrals : 


v= al fabexabedr + [bead bead + [cab acabdr 
+ fedaxXcbadr + [achIHachdr + [bac bacdr } 

+ 5 [—fabcatbacdr — [bca%achdr — [cab%Xcbads 
—fcbadXcabdr — [acbXbcadr — { bacd#abcdr] 

+5 [ —fabedabdr — [bcadtcbads — [cab3bacdr 
—[cbadXbcadr — [acb2abcdr — [ bacdcabdr | 

+5 [ —fescatcbadr — foca%bacdr — [cabsachdr 
—[cbaXabcdr — [acb3cabdr — { bac bcadr | 

+ 5 [ +fabcrebcadr + foca%cabdr + [ab x abedr 
+ febdadtbacdr + facbH#cbadr + [bacd#acbdr | 

+3 [ +fabcatcabdr + focaXabedr + [cabI beads 


a | chaXachdr + | achH¥bacdr +- i] back chadr | 
.... (16.53) 


In this expression we have separated the terms into six groups, each 
containing six integrals. In all the members of the first group, the function 
to the right of the operator is the same as that to the left. In the second 
group, the function to the right of the operator is reproduced on the left 
with the rearrangement Pp, i.e. the electrons of atoms a and b have been 
exchanged. In a similar manner the third group corresponds to the re- 
arrangement P,,, the fourth to the rearrangement P,,, the fifth to Pys, 
and the sixth to P,,,. Since with the terms of the first group there is no 
exchange of electrons, these must refer to a Coulomb type integral, the 
remaining integrals are all exchange or resonance integrals. 

We shall now prove that all the members of one group are equal among 
themselves. The Hamiltonian operator will contain terms for all the 
interaction of the electrons with the nuclei, for the electrons amongst 
themselves and of the nuclei amongst themselves. Thus 
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BP a A ee I a, sc pe ne ee es 
2 2 2 Ta, a fa. 5, 1b, “e 

1 l l l l 1 1 ] ] 

a 7 = 7, 7 Te, Tio 143 + Too Ra a R, Ro 
(16.54) 


(To) To, etc refer to the distance between electrons and nuclei, ry. efc to the 


distance between electrons and R,, etc to the distance between nuclei). 
From equation 16.54 we obtain : 


Vi Ve’ V8" } l ] ] 1 
[abe Habcdt = [eave (- ee Sas - ~ = - = % 
De dl 
To. To, To, lc, Tha T12 Tea 
+ot¢its d 
Ra + Rat Ry ) eroner (16.55) 
The functions »,, y and y, satisfy equations of the type 
bts vi" _ | 
( 2 ) ya(1) == £, yo (1) +++ (3-4) 


where £, is the energy of an atom of hydrogen. From equations 16.55 
and 3.4 it follows that 


[abcat abeds = o(1)E,yo(1) ar, i We?(2)drg f ¥.2(8)dry 
+ fue%(I)dry f Yo(2)Ewvo(2)drp fie(8)arg 
+ fua(l)dry [ys?(2)dre [¥.(3)Z.p.(8)dry 


1 ] | 1 l ] 
+ | deb [ ra, ra I I, re = a + 
l 1 l ] 1 ] 
ee ie FR, | babotedr = 3E, + C 


. (16.56) 
Using the normalized functions ¥%,, %, and ¥,, we shall now divide the 
last integral (C) of equation 16.56 into its components : 


[abcatabcdr = 3E, —{ eV, — i ar a a fee 
To 


To, 
2 2 
— fi Pa, - je 4 +5 a ++ 7 
+ few anaes + f se 8) aecdry t 
+ fee nae »4:62(16.57) 
The integral j= dr gives the Coulombic energy of the interaction of the 
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electron, described by the function ¢%,, with the nucleus 4, similarly the 


integral [a 0 »'dr gives the interaction energy of the electron described by 


the function ~, with the nucleus @. The term [tbe ) dear, represents 


"12 
the mutual interaction energy of the electrons described by the functions 
ww, and %,. Adding to these three terms the energy of repulsion of the 


nuclei -, we obtain the total Coulombic interaction energy of atoms 


ab 
aand b. This quantity we shall call C,, : 
C.c= ~ j= dr — [tear + fae “yn” drjdr, +z »... (16.58) 


In just the same way we may also shila: 


32 2 2b? l 
C= = [tear — [fear + jee dr,dt, + R., . (16.59) 
and 
_ iby” pe” i ] 
= [Boe — [rar + [OPA dredr + Rs sendes (16.60) 
Thus C= Ca +C.. + Cs ..+ (16.61) 
and we may write equation (16.56) in the form : 
— fabeHabedr = BE, + Cos + Coc + Cre _... (16.62) 
or more briefly 
fabeHabedr = 3E, + C _...(16.63) 


If we consider any other Coulomb integral of equation 16.53, then it 


may be shown that it equals [abe Xabedr. For example 


[bca2€ beads = | dople ( avi me Ve ae aes oa eta 


1 Tay 
ee ee Ge ee ee 
lee Ty Th, 7 "ey r, te a 
1 1 ] ] l 1 
ee 
_ ps" (1) be" (1) pe" ae _ f ¥e7(2) 
S8h = [7 aa) Ye, ae dre i. : 
a"(3) Pee (3 ae i Ae at 
RP = PP i 


ee *(2)s 24 (3 ~~ .... (16.64) 
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ic. it also equals 3F, + Cas +C,, +C,,. This is due to the fact that 
the operator X is symmetrical with respect to all three electrons and on 
any rearrangement of the electrons, the form of the operator is not changed. 
In the same way the remaining members of the first group of terms in 


equation 16.53 are equal to [ abcxabedr. There are in all six such 


members, but owing to the presence of the factor 1/6 in front of the bracket» 
the first group of terms in equation 16.53 is equal to 3F, + C. 


The exchange integral [abc ae bacdr is given by 


[abcd bacdr —— [ bear (—Ysh— Ne vee = = 


l 1 l ] 
ene 5 + R.+R ) oped .... (16.65) 


T23 ab ac be 
in which the terms involving 
_~ ww _ ve? _ vs? — 1 1 1 1 Lt 
a 2 ” 2” Ta, Tos Ty Tos 
oe ga Oe ees 
fi te hee Re Rye ag Sg 


approximation will be zero. Thus there remains only the expression 


[ Yors ( a ar i. +p, ) Yroadridr, ....(16.66) 


Th, = Ty0 


which represents the exchange integral of the electrons of the two atoms 
aand 56. We shall represent this term by 4,5. Thus 


fabcxbacdr = Acs .... (16.67) 


In the same way all the remaining integrals of this group corresponding to 
the rearrangement P,3, reduce to the expression 16.66. The sum of the 
integrals of the second group is thus 64,5. Similarly, the integral, 
[abc ¥acbde represents the exchange integral of the electrons of atoms 


6 and c ; this we shall term A,,, and all the remaining integrals of the third 
group of integrals in the expression 16.53 corresponding to the P,, re- 
arrangement, will equal this quantity. In the same way each of the 
integrals in the fourth group will be equal to A,,. In the fifth and sixth 


groups we have integrals of the type | abcHbcadr and fabeXcabdr 
corresponding to the simultaneous rearrangement of all three electrons. 
However, since the term S? will appear in each case, they may be neglected. 


To show that this is correct let us take the integral [ abc H bcadr. 
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: ; 2 41 11 
[abcde bcadr— [papop.(—---3 bs ‘ eee 


] ] 1 ] ] l ] ] 1 


Te Why Vin Te Teg tay Rey Ree Re 
] ] ] 
Tax Tie =i ) Pepe dt 
= [¥o(1) Ean) dry { Yo(2)e(2)dr 0 [Ye(8)ypa(B)arg bose 
fp fe asf dul )2)dre f ve(8)Ha(8)drg fever 
.... (16.68) 


Thus all members of the fifth and sixth groups in equation 16.53 are zero 
and this equation reduces to 
Hy, = 3E, + C — Aw — Ase — Aae ....(16.69) 
Calculation of the value of the integral 4, shows, in agreement with 
the statement made earlier, that three atoms with the electron state 
Xs = + 3/2, i.e. with parallel spins, are repelled. The energy of interaction 
in this case is given by 
Hy ~e 3E, = Car = OF ae Cac — Ay — Abe a Aa 
....(16.70) 
The exchange integrals with a negative sign indicate repulsion and although 
the Coulomb intigrals are positive, the Coulomb energy is not great, only 
comprising about 10 per cent of the exchange energy. 
Let us pass now to a calculation of the integrals of the cubic equation : 


Ho,—E Ho Hog 
H 03 Hy, —E H 4 = 0 .... (16.71) 
H v4 H 34 Hy, —E 


We shall consider first the integral #4, : 
Hoy = [By H Byte = o,f B(—1)’PaabacB H E(— 1)?’ Plaabac Bar 
3 I P Pp’ 
eee 10.72) 


In this case we cannot discard the spin functions immediately since the 
arrangement of the electrons according to the spin functions does not 
remain unchanged, and during the electronic rearrangements there arises 
the following combinations of spin : 


Pe aap 
Po aap 
oe Baa 
Pre aa 
Pabe aBa 
Pact Baa 


The expression corresponding to Pg possesses the function aabacB on the 
left of the operator and the spin terms have the form aaf. This indicates 
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that the first and second electrons have positive spin projections and the 
third electron a negative spin projection. Only those terms in which the 
function on the right of the operator is identical with that on the left will 
not be equal to zero. This occurs only in the case of the rearrangements 
Pr and P,,. These are given by : 


{ aabacBXHaabacBdr = [ abcd#abedr [a?(1)du, [o?(2)dw, [ £2(3)dwg 


= [abcHabedr = 3E, + C -... (16.73) 
{ aabacBXbaaackdr = i abc bacdr i a2(1)dw, i a2(2)dw, J B2(3)dw, 
= { abc H bacdr = Avy 2. (16.74) 


All the remaining members of the expression will contain the expression 


fade and will be equal to zero. Thus, for example, on making the 


rearrangement P,, in the function to the right of the operator in equation 
16.72 we obtain, 


| aabacB%cBbaaadr 


= | abc XH chadr f a(1) B(1)dw, i) a2(2)dw, | B(3)a(3)dw, = 0 
.... (16.75) 
In the first summation term of equation 16.72, let us make the rearrange- 
ment P,, ; the function before the operator will now be baaacB. Again, 
on rearrangement of the term after the operator we obtain only two 
expressions which are not equal to zero, one corresponding to the re- 
arrangement P,, and the other to Pz. ‘These are: 


[oacacBHbaaacBdr = f back bacdr =3E,+C ....(16.76) 


[aaacp#aabac Pdr = [eacd#abeds =A. .... (16.77) 


These two expressions again refer to the Coulomb integral 3F, + C and 
the exchange integral A,,. On making the rearrangement P,, in the first 
term of equation 16.72 and in the second term also, we obtain 


[cBbaaaHcBbaaadr = 3E, + C -.. (16.78) 
and the rearrangement P,,4 : 
[cBbaaa%XcBaabadr = A,, ++. (16.79) 


It may also be shown by the use of the above methods that the remaining 
rearrangements of the first term lead to the same integrals 3E, -+ C and 
A gp, 1.€. 


one ; [ 6 fabcxabedr — 6 f abcXbacdr | = 3E,-+C — Acs 
.. ..(16.80) 


Thus the integral #,,. consists of the Coulomb integral [abc X¢abedr and 


one exchange integral fabcae bacdr. 
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The remaining integrals entering into the cubic equation may similarly 
be shown to be : 


H 33 = [abe Habeds — [abcd cbadr = 3F, + C — Aa, 


a | abcHabedr — { abcHachdr = 3E, + C — Ay, 


ao = [abe #acbdr ee . 2. .(16.81) 
Hs, = = f abc bacdr = — Aas 
Ho = ae | abcHchadr = — Age 


Introducing into equation 16.71 the values of the integrals given by 
16.80 and 16.81 we obtain 


Sh Ca ALE =o Ve = 
— As, 3E,+C—A,,—E — A, =0 
— Aw — Ag 3E,+C—A,—E 


For the solution of this equation, we shall proceed as follows. Instead 
of the functions ®,, ®, and ®,, let us introduce their linear combinations : 


a? ee i 
ou = 2 (S, — ®,) | 
Om = aa (}, — &,) ' _... (16.83) 


ov BO +6,+0) | 


The mathemetical basis of introducing these new functions lies in the fact 
that the cubic equation formed with these functions in a similar manner 
to equation 16.71 1.¢. 


H 1 n—ESjy II Hi mr ES), Il H yy v— ESy IV 
Hy Ill —ESy III Hi III — ESin HII Hin v—£Sin IV = 0 
H iy IV — ES} IV H a1 iv— ESyy IV Hy Iv — ESyy IV 


.... (16.84) 


may be easily reduced to a linear and a quadratic equation. We shall 
now evaluate the integrals entering into equation 16.84. These are : 


Hu 1 = (Gy — Py) H (Gy — dr = 4 Hyg +h Hay — Hg 


= 3F, + — Ae A + Ay .... (16.85) 
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Similarly 
Ags Ag. 
Miri = 3£, + C — Sogo As, 
Hiv w = 3&, +C— Ags — Ag. — Age 
oo __ 36, a5 Cc __ Ags = As, 
H WI — ane 9 + Aa 9 9 
Huw = 0 Hin = 0 
Sun = 4 f (Gs — Gy)%dr = } (Sq + Sqy — 2S) = 1 .... (16.86) 


Smim=1 Sviv=1) Syor=0 Spiy=0 Striv =0 
And hence in place of equation 16.84, we obtain 


Ayn—-L£ Hr wn 0 
ny 1 Ayn m—E£ 0 = 0 .... (16.87) 
0 0 Kiwiv—-E£ 
or 
Hyu—-L£ Hy ‘ 
Hoy 1 Hin m—£ 
My w-E = 0 


Substituting into these equations the values for the integrals from equation 
16.86 we obtain : 


3E, + C — Ay — Ag, — Ay — E = 0 ...- (16.88) 
Ie a OY 
2 2 2 
= 0 
_3£. a 3E, +C—Ae6_ fee 4 4,,— 
= 2 Za | 
. . (16.89) 


Thus the problem has been reduced to that of solving a quadratic equation. 
Apart from this, however, the introduction of the new functions also has 
another advantage since it permits a more comprehensive presentation of 
the physical meaning of the results. Let us consider the spin terms of 
the new functions. The function ®, arose from the antisymmetric nature 
of the function aab fea in which the spin terms are afa and , from the 
antisymmetric nature of afbaca in which the spin function is Baa. 
Consequently : 


®, = = (6, — ®,) = A ¥ (— 1)"P{aab fea — aBbaca 
... (16.90) 


i.e. the function ®, contains the term abc(aBa — Baa) in which the spin 
term, 


aBa — Baa = (a(1)B(2) — A(1)a(2))a(3) .... (16.91) 
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contains the factor 


( a(1)8(2) — B(1)a(2) ) .... (16.92) 
This expression is identical with that given by the spin function for the 
case of a bond between two atoms (see equation 3.112). Whenever the 
spin electronic state of two electrons is described by the function (aB— Ba), 
it is possible to state that a bond is formed by those electrons. In the 
present case the electrons 1 and 2, belonging originally to atoms a and b 
produce the bond. ‘The function thus describes the state of the system 
when the atom ¢ is at infinity and does not participate in bond formation. 
For this state S = 4 and Xs = +}. 
The energy of the system a—dc is given by 
Hy = 3Ey + C + Agy — “Age — Se .... (16.93) 
If the atom ¢ is located a long way from the molecule a—dé, then the 
energy ls, 


E = 3E, + Coy + A,s 
IC, =0 3; CG. =0 3; Ae=O 3; Ay =O| ....(16.94) 
When, however, the atom C is close to a—8, the interaction of the three 
electrons and of the three nuclei enter into the Coulomb energy and 
C= Cas Se Co. + Cac 
in which each term will include the attraction of the electrons by the nuclei 
and the mutual repulsion of the electrons and nuclei. The attraction 
energy, however, outweighs the repulsion energies and hence the intro- 
duction of the additional terms lowers the potential energy of the molecule. 
In addition to the exchange energy of the bond, a—6 which ts equal to 
A, the additional terms — fee and — Aue are introduced, which represent 
the exchange of two pairs of non-bonding electrons. The exchange in- 
tegrals enter into equation 16.93 with the coefficient 1/2 and a negative 
sign, so that the electron exchange Icads to an increase of the energy and 
the non-bonding electrons repel each other (the equation 16.93 should be 
compared with 4.4). 
Owing to the electron exchange phenomena, the structure // (page 408), 
in which 6 and c¢ are bonded and a is a free atom, is possible, and is 
described by the function ®,, in-which spin term Is 


a(1) (a(2) (3) — B(2)@(3)) . + (16.95) 
and the energy is given by 
E = 3E, + C 4- Are — Aael2 — Acs/2 .... (16.96) 


In this case also S = 4 and Xs = +}. It would appear possible that we 
could write still a third function, 


© = FeO, — ....(16.97) 


describing the state where there is a bond a—c and a free atom b. This 
function, however, is not independent of the other two, as is shown by the 
following expression : 


] 1 
@ = Ja (P2 — Pa) = 4/5 (®, — ®, + 4, — O,) = Oy, + Pg 
» +. (16.98) 
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Let us consider the spin term of the last function ®,y : 


1 l 
Oy = 31 (, + D, + ®,) =V31 a(— 1)PPabc(aaB + afa + Baa) 


....(16.99) 
In this case S = 3/2 and Xs = 1/2. The solution of the secular equation of 
the eighth degree has thus been divided into two stages. First, we obtained 
the functions corresponding to each value of the sum of the spin projections 
and by so doing, the equation was reduced to two equations of the first order 
and one cubic equation. This cubic equation was due to the presence of 
three functions corresponding to 2s = + 4 and — 3}. These values corre- 
spond in one case to S = + 3/2 and in the other two to S = 3. Secondly, 
having obtained the functions corresponding to the various values of S, 
the cubic equation was reduced to the quadratic equation of 16.89, and the 
equation of the first order 16.88. The equation of the first order gives 


E = 3£E, + C — Aas — Ase — Aac ....(16.100) 


and its solution, is identical with #,,. This is understandable since 
the functions ®, and @,y are related to one and the same value of the 
resultant spin. 

The energy of the lowest energy state may be obtained on solution of 
the quadratic equation, which has two roots : 


E=32£,+C,34+¢4, + Cy + 
ae (4745 + A? x2 Si A*,, — AgsAa ys AAs, a AgcAbc)* 
....(16.101) 


The positive sign before the square root term gives the lowest energy state. 
The energy of the system of three atoms 1s therefore : 


E= 3 £, + Cas -+- Ca, +3, + 
+ (A745 + AM, + A*,, a Aap Agce— AqAs, ae AycAp,)* 
.... (16.102) 
where £ = total energy of the system 
E, = energy of one atom 
C.5 = Coulomb energy of interaction of atoms a and 5 
= Coulomb energy of interaction of atoms a and ¢ 
C;, = Coulomb energy of interaction of atoms 6 and c 
A. = exchange energy of atoms a and 3 
A,, = exchange energy of atoms a and ¢ 
A,, = exchange energy of atoms 6 and c 
This expression was first derived by Lonpon}. 
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ENERGY OF ACTIVATION 


Using equation 16.102 it is possible to obtain an approximate value of the 
energy of activation of the reaction between the three atoms. London 
considered the special case where the configuration of the three atoms was 
linear, when the energy of activation 1s a minimum. 

Initially atom ¢ is a considerable distance from atoms a and 6 and there 
is no interaction, if weak van der Waal’s forces are ignored, between a 
and 5 on the one hand and ¢ on the other. Hence we may state 


Cic=9, A, = 0 for large values of R,, 
Cy, = 0, A;,=0 for large values of R,, 
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These terms can in fact be neglected when R,, or R;, exceeds 3 or 4 A. 
In these circumstances the expression 16.102 becomes 

E = 3E, + Cy + 45 .... (16.103) 
This equation is identical with that deduced by Heitler and London for the 
hydrogen molecule with the addition of the energy of the third atom E,, S? 
being neglected. On the approach of ¢ to ab, the distances R,, and Rg, 
decrease and it is no longer possible to neglect the interaction of the 
electron of atom ¢ with the electrons of atoms a and b. Thus the integrals 
A,, and A,, can no longer be considered as equal to zero although they 
will still have values less than A,,. If the atom ¢ approaches the molecule 
ab so that it is nearer to atom 3, i.e. in the linear arrangement a—d , 
interaction with 5 occurs before the interaction with a becomes significant. 
Thus &;, is greater than R,s, although of the same order of magnitude, 
and R,, is considerably greater than R,,. Under these circumstances C,, 
and A,, may be considered equal to zero, but since the terms C;, and A,, 
cannot now be neglected, equation 16.103 becomes 


E = 3E, + Cay + Cy. + (Aas? + Ap.? — Aasds.)* .... (16.104) 


The additional Coulomb energy C;, causes attraction between the atoms 
6 and ¢ and therefore lowers the energy of the system ; this effect, however, 
is not great and the energy of the system is determined mainly by the 
exchange energies. Since R;, > R,, then A,,< A,, and consequently 
A;,? < A,s,A;, and the expression in the bracket in equation 16.104 is less 
than A,;”. Hence the energy of the system is greater than when c is located 
at infinity and c is therefore repelled by a—d. 

In order to simplify the mathematical treatment, London assumes that 
the distance between a and 54 in the molecule a—d remains unchanged 
on the approach of the atom ¢, and only the interaction with ¢ is taken 
into consideration. Thus the value of A,, remains constant and the 
variation of the energy depends only on 4A,,, i.e. on the distance between 
bandc. The value of A,, increases with decrease of the distance between 
6 and c until this distance is identical with the a—é distance. The energy 
of the system is then a maximum, which can be determined by taking the 
differential coefficient of E with respect to A;, and equating to zero, viz 


dE 2A5, — Aas 
(34) 2(A2,, + A®%,, — Ay)? .. (16.105) 


On solution of equation 16.105 we find that the energy has a maximum 
value when A,, = A,;/2. Substituting this expression in equation 16.104, 
we find that at the transitional state the energy is given by 


Baar Age —_ — 3E, +C +0864, ....(16.106) 


The energy is thus greater than in the initial state, by 0-14 Ags and this 
quantity is an approximate evaluation of the energy of activation. In the 
final state there is a molecule b—c and a free atom a. The energy of 
such a system is given by 


E = 3E, + Cs, + As, .... (16.107) 


The variation of the energy as the atom ¢ approaches the molecule a—, 
in which the distance R,, remains constant, 1s shown in Figure 76. Each 
contour line corresponds to a definite energy value. The variation of the 
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tle 
S14 


[Scart 
Aaa 


Figure 76. Variation of energy of interaction as an atom approaches 
a rigid molecule along line of centres 


eneigy with the distance between 6 and ¢ is calculated in the following 
manner. From experimental data the curve is constructed giving the 
energy of the molecule as a function of the distance between the atoms, 
1.e. the potential energy curve obtained from spectroscopic data. It is 
assumed that the Coulomb energy always comprises a definite and constant 
proportion of the total energy, in the given example, 20 per cent, and by 
calculating this quantity from the total energy it is possible to obtain the 
exchange energy at various distances. From the diagram (Figure 76) it 
follows that the approach along the line of centres is most favourable. In 
order that ¢ may approach ad, energy of translation is necessary to over- 
come the repulsion. The transition state corresponds to an energy value 
7:5 kcals above the initial value and further approach is accompanied by 
a decrease of energy owing to the formation of the molecule dc. 

The above treatment is approximate since the presence of the third 
electron will cause an increase of the distance R,, and the assumption that 
this remains constant produces an incorrect result. For the case when 


Aas = As, ....(16.108) 


which corresponds to the configuration when both the distances Rs and 
R;, are equal, substitution of equation 16.108 in equation 16.104 gives 


E = 3E, + C + (A%q»s + A%, — AasAy.)t = 3E, + C + Aas 
....(16,109) 
t.e. the energy of the system 


oe oe when Ra = Rs, 
is identical with the energy of the system 
a—b ¢ 
at the commencement of the reaction. This is clearly incorrect. 
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If the exchange energy A,, is taken into consideration, i.e. the interaction 
of the atoms a and c, equation 16.102 becomes, when A,, = Ay, : 


E=32E,+C+ Aw — Az, » (16.110) 


This result shows that the state 
GrvesPoeeee 


is less favourable from an energy point of view than a—b c. Nevertheless 
in the linear configuration 
ab ¢ 


a is located farther from ¢ than } and consequently 
A,, < A;, 

The reason for the error in the above calculation is due to the fact that 
the increase in the a—d distance as ¢ approaches, has been ignored. 
Thus although the expression 16.102 is correct for a....b....c the value 
of A, to be inserted in this expression, is different from that for the 
molecule a—d. 

Eyrinc and Potanyi have used the data from the above calculations 
to construct a potential energy surface giving the energy of the system of 
the three atoms a, } and ¢ at various values of R,, and &,,. The exchange 
energies were obtained from the experimental potential energy curve of 
the hydrogen molecule and they took into consideration the fact that both 
distances R,, and R,. change during the reaction. From the values of 
A,s, A;, and A,, for various values of R,, and R,,, they obtained by means 
of formula 16.102 the energies of the various configurations of the system. 
From these data it was possible to construct a contour map (Figure 77) 
in which the values of R,, and R,, are given along the axes and the contour 
lines connect points of equal energy. The point A represents the initial 
state of the system when atoms a and 6b form the molecule a—bd and the 
atom ¢ is at infinity; the energy of 
the system will be 32, + Cas + Aas. 
The point B corresponds to the final 
state of the reaction, t.e. to a mole- 
cule b—c and a separate atom a; 
the energy of this system being 
3, =F OF +As,. 

The path AL lies in a valley be- 
tween two regions of higher energy. 
The shift of the system from the 
equilibrium position at A is repelled 
by either the repulsion between a 
and bor by the attraction between 
a and b according to the direction 
of the shift, 7.e. as shown in Figure 77 
the cross-section through the dia- 
gram at Agives the potential energy 
curve of the molecule a—b. The 
height from the bottom of the valley 
to the plateau on the right of the 
diagram requires an energy equal 


Figure 77. Potential energy surface for the tO 103'2 kcals, i.e. the dissociation 
reaction H + Hy = H, +H energy of the hydrogen molecule. 
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Although we refer here to the ‘ bottom of the valley ’ this actually means 
the lowest possible vibrational state of the molecule and will be a distance 
above the minimum, equal to the zero-point energy. 

The passage of the system from A to L corresponds to the approach of 
the atom ¢ to the molecule ab and since ¢ is repelled by ab this change 
involves an increase in energy. As indicated by the diagram, the passage 
of the system from A to L involves not only a decrease of R,, but also an 
increase of R,,. The most favourable path for the reaction 1s that shown 
by the dotted line, the height of the energy barrier which has to be sur- 
mounted is 13 kcals above the original state at A. The value of 13 kcals 
for the energy of activation is obtained on the assumpt.on that the Coulomb 
energy is 14 per cent and the exchange energy 86 per cent of the total 
energy. Eyrinc and PoLanyi! found that at the summit of the energy 
barrier for the reaction H, + H there existed a shallow minimum whose 
depth was 1°5 kcals below the barrier. This indicates the existence of the 
intermediate complex H, as a separate entity. This has not been confirmed 
by experiment. A similar depression is observed in the potential surface 
for the reaction? Cl, + Cl. 

The method of calculating the energy of activation described above is 
obviously approximate and it has been pointed out that the assumptions 
concerning non-orthogonality in the London equation may lead to con- 
siderable errors. Nevertheless in spite of the approximate nature of the 
calculations, this treatment is of considerable importance, adding materially 
to our knowledge of the mechanism of chemical reactions and explaining 
the origin of the energy of activation. 
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THE POLYELECTRON PROBLEM AND 
RESONANCE ENERGY 


THE FOUR ELECTRON PROBLEM 


SLATER’S METHOD which has been described in Chapter 16 for the 
problem of three electrons may be applied to systems with any number of 
electrons. Each electron may exist in the field of any of the nuclei, and 
resonance among the different states, representing different electronic 
distributions,. will occur. With four atoms having four valency electrons, 
4! = 24 different arrangements of the electrons between the nuclei are 
possible, with 24 = 16 different spin states. In all there will therefore be 
24 X 16 = 384 different complete wave functions. But as we have already 
seen, states with different values of the spin quantum number do not interact 
with one another. This permits a considerable reduction in the number of 
states to be considered. We are only concerned with stable configurations 
in which all the electrons in pairs neutralize their spin by the formation 
of a covalent bond, z.e. S=0 and Ls=0. 

With four electrons, we have three possible ways of pairing the electrons, 
1.€. 1 with 2 and 3 with 4; 1 with 3 and 2 with 4; 1 with 4 and 2 with 3. 
If as before we attach electron I to atom a, electron 2 to atom J, electron 3 
to atom ¢ and electron 4 to atom d, the three methods of neutralizing the 
electron spins denote the formation of bonds between the atoms, as shown 
below : ae 


a b 
I ab and cd 

C d 

a b 
II ac and bd | | 

c d 

a b 
Ill ad and bc D< 

Via 

c d 


It would appear that for a description of the four electron system it 
would be necessary to consider the superposition of the three given structures 
with different localizations of the valency bonds. However, it is still possible 
to make a further simplification. In the problem of three electrons, three 
structures also were possible : with the bond between a@ and 6 and with a 
free atom c (spin function aBa—faa) ; with a bond between atoms 6 and ¢ 
and a free atom a (spin function aaB—afa) ; with the bond between atoms 
a and ¢ and a free atom 3d (spin function aaf—faa). But we pointed out 
that these three functions were not independent, the third being a linear 
combination of the other two. Let us write down the appropriate functions 
for the four electron problems describing the states J, //J and [IJ. The space 
coordinate part of any wave function of four electrons will have the form 


v, =2 (— 1)?Pabed sgoe(E7-T) 
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i.e. it will be a linear combination of the function adcd and of all functions 
which are obtained from that function by a rearrangement of the electrons. 

In the structure J, electrons 1 and 2 mutually neutralize their spins, 
therefore the projection of the spin angular momentum of one is + 3 (spin 
function a) and of the other — 4 (spin function 8). The spin function of 
the two electrons in the case of the bond will be, as we have seen, 


a(1) (2) — B(1)a(2) (17-2) 
A similar function will also describe the spin function of the second pair of 
bonded electrons, 3 and 4, 


a(3)B(4) — B(3)a(4) -+ +. (17.3) 
so that the complete spin function of structure J will be 
o = [a(1)B(2) — B(1)e(2)][a(3) B(4) — B(3)2(4)] 
= aBaB — BaaB — aBBa + Bafa sete hed) 
The complete wave function of the structure / will therefore be 
@, = X(— 1)*Pabcd{aBaB — BaaB — aBBa + BaBa} 
af aatnllgeG) 
In the structure JJ, the bonds are formed by electrons 1 and 3, and 2 and 4. 
The spin functions of these pairs will be respectively, 


a(1) (3) — B(1)a(3) (17.6) 
a(2) B(4) — B(2)a(4) »+++(17-7) 
The complete spin function of structure JI will therefore be 
o = [a(1)B(3) — B(1)a(3)] [e(2) B(4) — B(2)0(4)] 
= aaBB — Baa — aBBa + Baa .... (17.8) 
and the complete wave function is 
®;; = X(— 1)?Pabcd{aaBB — BaaB — aBBa + BBaa} 
- »..«(17.Q) 
For the third structure the bonds are formed by electrons 1 with 4 and 2 
with 3 and the appropriate spin functions are 


a(1)B(4) — B(1)a(4) »... (17.10) 
a(2)B(3) — B(2)a(3) ison (¥721) 
and the complete spin function is 
o = [a(1) B(4) — B(1)a(4)][a(2) (8) — A(2)a(3)] 

= aaBB — BaBa — afaf + BBaa oo ee (17.12) 

and the complete wave function is 
Py; = U(— 1)?Pabcd{aaBB — Bafa — aBaB + Baa} 
=i .. (17.13) 
It is clearly seen that Our is a linear combination of ®; and ®y since 


G1, = Dy — O, = 2(— 1)?Pabcd{aaBB — BaaB — aBBa + BBaa} 
_ 2(— 1)*Pabcd{aBaB — BaaB — aBBa + Bafa} 


= 2X (— 1)?Pabcd{aaBB — aBaB — Bafa + BBaa} 
- ».+e(17.14) 
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This means that the structure J/J is not an independent form but is a super- 
position of the first two structures. 

RuMeEr’s theory (Chapter 5), gives a method of obtaining the number 
of canonical structures for any particular number of electrons. Rumer’s 

n} 
equation is ;7\—77——, ! which, when n = 4 becomes 4!/2!3! = 2. 
cia Vil Tae! cane 
(3) ) (3 . ') 
These two forms are evidently structures J and JJ, 

The function of the system of four electrons when Xs = 0 may be regarded 
as a linear combination of the complete wave functions of structures J and 
I, viz 

GB=c OP + ¢,Py wee (17.15) 
The secular equation of the second order is obtained in the manner de- 
scribed previously : 
Hi, — £ Hn — ESy 1; | 
=: 0 stare 170 
Hi Es Mieke 4 (17-16) 


where E£ is the energy of the system over and above that of the energy of 
the four atoms, and 


: [or2oyar ) 
Hr = [Pr HOgdr 
Ann = [Pu bqydr 
Sin = [OrPudr 


errs @ ar Fe Gra 


EVALUATION OF INTEGRALS OF SECULAR EQUATION 
We shall now consider the evaluation of the integrals #,;, #,y and 
Hy. If the deviation from orthogonality is neglected the integrals may 
be considered as the sum of the Coulomb (C) and exchange (A) integrals for 
different pairs of atoms, ab, ac, bc, bd and cd. The method employed may 
follow that used in the case of three electrons but involves certain difficulties 
and PAuLinG suggested a simpler method}. 
The structures J and JJ are represented by the following 
a—b a b 
yf | | J 
c—d ¢ d 
For the calculation of #,,, we arrange the atoms in the same way but 
introduce all the bonds of the structures J and IJ viz 
a— b 
Hin | | 
c—d 
The corresponding structure for #, ; is obtained if structure J is superposed 
upon itself giving, 
a= 5b 
Hy | 
CS a 
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In a similar manner we have #1 given by, 
a b 
Hun il | 
C d 


According to Pauling each such arrangement consists of ‘islands ’, and each 
isolated part of the structure not united to other parts by a bond represents 
a separate island. In the structure for # 1;, there is only one island and 
in #,,; and #1, 1; there are two in each. If the total number of islands 
is i and the number of electrons n, then the coefficient of the Coulomb 


integral is 1/2 (—‘) Thus, when n= 4, the coefficient of the Coulomb 
integral in #7, 1s, since i = 2: 

| | 2G-)) = 12? = 
in Hy 1 (t = 2) 

(2-2) 


1/2G-') = 12 
and in Hy II (2 = 1) 

y2G- = 1/2"? =3 
In addition, exchange integrals will enter into #,; #y and #1, , these 
will be : 


aand b As 

aandc A, 

aandd Aus 

bandc ae 

band d Agg 

cand d A. 
The coefficient of each of these integrals is 

f(p).1 1/2G-) ...-(17.18) 
If the atoms concerned in a given structure belong to different islands, 
then p is equal to zero and f(p) = — 4. This refers, for example, to atoms 


a and cin the structure #,,;. Ifthe atoms are located in the same island, 
p is equal to the number of steps necessary to pass from one atom to another ; 
thus, for example, in the structure #1, 
a—b 
Hin | | 
a 
pf is equal to one for atoms a and 4 or a and ¢, but to two for atoms a and d. 


If p = 1, 3, 5,.--., f(p) = +1, and if p = 2, 4, 6,...., f(p) = — 
Let us determine the coefficient for the integrals in #,,: 


a=b 
Hy 
c=d 
Here 
12G-') = 
For atoms a and ), f = 1 and f(p) = + 1 and the coefficient of A,, is + 1. 
For atoms a and c, p = 0 and f( p) = — } and the coefficient of A,, is — }. 
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The same applies to the pairs of atoms a and d, 6 andc and 6 and d. Finally 
for atoms ¢ and d, which are located in the same island, p= 1 and 
f(p) = +1 and the coefficient of A,g = +1. Hence 


Hyy = C + Ags + Aca — $Aae — $As, — $Aae — 4Abag 


» (17.19) 
In the structure #y 1, vtz 
a b 
i | 
¢ d 
the pairs of atoms ad, ad, bc and cd are on different islands and for these 
pairs p = o and f(p) = — 3}. The atoms a and ¢, and 6 and d are in the 


same island and p = 1 and f(p) = +1. Thus 
My yy = C+ Age + Asa — $Aas — $Aca — $44, — 4A ca 
»...(17.20) 


For the structure 4 y, viz 
a— b 


| | 
c—d 
we have 
y2G-9 = ye" = 12 
and all the atoms are in the same island. In order to transfer from a to 6 
it is necessary to pass either one or three groups (a—c, c—d, d—b) conse- 
quently f(p) = 1 and the coefficient of the integral Ag, is 
f(p).1/2 -') = 1/2 
This applies also to the pairs of atoms a and ¢, 6 and d, and ¢ and d and the 
corresponding exchange integrals. In order to transfer from a to d, two 
groups have to be passed (a—c and c—d) so that in this case p = 2 and 
f(p) = — 2, and the coefficient of exchange integral Agg is 
fp). eG-) = —2.1/2=—-1 
This also applies to the pair of atoms 6 and c. Thus we obtain, 
Hryy = 4C 4+ $Ags + $Aae + 40a + Aca — Aas — Ade 


.... (17.27) 
In addition to the integrals #; 1, Hy, 1, and H#, y the secular equation 17.16 


contains the non-orthogonal integral 
Siu = [OSnudr 
The integral S; ;; will be reduced to integrals of two types : 


[(aabacBdB)%dr and {(aabacBdB)(cBbaaadp)dr 


All integrals of the second type will be equal to zero on account of the 
orthogonality of the spin functions and integrals of the first type, correspond- 
ing to a Coulomb integral will be equal to unity, since the space coordinate 
and spin functions are nortnalized. In S; , the coefficient will be the same 


as the Coulomb integral in #; ;; and thus 
Stir = 3 airove (17622) 
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We are now in a position to set out in its general form the secular equation 
for the four electron problem. This will take the following form : 


Hy, —E Heri —ESt ny 


H u— ES, 14 | Hy u—& 


Age Aad Abe Abd 6 Aas Asa , Aca _E 
C+ Aart Aca—-> ras 9° 9 3 gt ah Se -+-— g ta —Aga— Ape 9 
C Aas , Aac, Asa, Acd_ yy yg Aap Aad Ate Acd_ 
ata tata t> Aga— Age 9 C+ Age+ Asa 9 9 9 9 : 
=0 » ++ (17.23) 


The same result is obtained if the integrals are calculated as in the three 
electron problem, but Pauling’s method is shorter. 


CALCULATION OF ENERGIES FOR MOLECULES OF BUTADIENE, 
BENZENE AND FULVENE 
Consider the four 7 electrons of the butadiene molecule. There are two 
possible bond localizations given by the canonical structures : 


a— b a—t 
“nN! 

c—d b d 

a b a= 

| | f N\ #t 

Cc | ETT d 


In the first formula the double bonds occur between the outer pairs of 
carbon atoms, as in the norma! formula of butadiene, whereas in the second 
case the double bond is located between the middle pair of carbon atoms 
and there is an elongated bond between the outer carbon atoms. Here the 
integrals As, Az, and A,g, which are the exchange integrals for the bonds 
ab, ac and cd, are approximately equal and will be denoted by a; thus 


Ags = Ag, = Aca = @ » (17-24) 
All the remaining integrals refer to the exchange between non-adjacent 


atoms, located at comparatively large distances from each other. The 
value of these integrals is small and consequently may be neglected 2.e. 


As, = Ag = Asa = 0 saree GE 7025) 
Combining equations 17.24 and 17.25 with 17.19 we obtain, 
Hy, = C + 3a/2 ».. (17.26) 


This would represent the energy of the molecule if only structure J were 
present. In this formula we have taken into consideration the Coulomb 
energy C, the exchange energy of two bonds, 2a, and the repulsion of the 
non-bonding electrons of atoms a and ¢ (— a/2). In addition, however, 
we must consider the alternative structure //. Its energy is easily seen 
from equations 17.20, 17.24 and 17.25 to be given by 


Huw =C ». ++ (17.27) 
In this structure there is, in fact, only one bond, that between a and c. 
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The second Lond (6------d) in which the interatomic distance is 2-8 A con- 
tributes nothing to the energy of the molecule. The exchange energy of 
the bond a—c is compensated by repulsion energy of the non-bonding 
electrons of a and b, and ¢ and d (— 2 X a/2). The energy of structure JJ 
is thus less than J, but the superposition of the two structures leads to an 
additional stabilization of the svstem. 

From equations 17.21, 17.24 and 17.25 we obtain 


Hy yy = C/2 + 3a/2 »...(17.28) 
and the secular equation for the z electrons of butadiene now becomes 
ie P = 0 »+.(17.29) 
g +92 - 9 oie 
Hence we obtain 
E=C+aV/3=C+1-738a +++ (17.30) 
te. there are two solutions for E: 
E, =C+1-73a ~.. (17°31) 
E, = C— 1-730 wee (17°32) 


This result means that as a consequence of the resonance, two states of 
the system arise, which are distinguished by the different coefficients c, and ¢, 
in equation 17.15, thus indicating a different contribution to the resonance 
from the structures J and JJ, The energy of the lower state is given by 
equation 17.31, viz 

Ey =C+1°73a 
If we compare this with the energy of the isolated structure J, as given by 
equation 17.26: 
E=C+1-5a 


we see that the stabilization energy due to resonance is equal to 0-23. 
This is the value of the resonance energy of butadiene. By such methods it is 
possible to obtain the secular equation for any even number of electrons. 

In benzene there are six w electrons and the number of independent 
canonical structures is five. If we denote the carbon atoms by the letters 
a, b, c, d, e and f, these structures will be represented as follows : 


a 
one one 
\Z e ta \ Ss 

I Il 
| a a \ 
f|. nia J~\ ff. ™ 
( ) oe Cae Q) \ 
NX é ¢ \f @ 97 YS e\ . 
UI IV V 
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The secular equation for the five resonance structures will be 


Hy,;—E Hy — ES, II H m— ES; NI Hi w—ESi ry Hiy—ES,y 

H n— ES; II Hy n—£E Hy m— £Sy II Hy w—ESy IV Hy v—ESy Vv 

Hy m— 4S, Il Hy m— ES}, 190 Hn m—£ Hirt wv — FSi IV Hn v— ES; Vv a 
Hy w—ES, Iv Hy, w—£Sy, IV Hy wESin IV Hiy w—-£ Hry v—ESiy Vv 

H v—ESiy Huy—-ESyy Hy v—FSnrv Hy v—ESyy vy Hy v—-£ 


acd (17593) 


We shall now calculate using Pauling’s method, the integrals in equations 
17.33. For this purpose we shall take into account only the exchanges 
between adjacent atoms, 1.¢. 


a—b 
b—c 
c—d 
de 
ef 
a—f 


All the corresponding exchange integrals will be equal to each other 1.e. 
Agy = Ap, = Acad = An = Ay = Ay = 2 oeaie( 17084) 


The remaining exchange integrals between non-adjacent atoms as stated 
above will be assumed to be equal to zero: 


Aa = Aad = Ay = Asa = Ay = Ay = Ay = Ay = Ay = 0 
veae'(47:35) 
The integral #, 1 will correspond to the structure 


in which there are three islands, so that 1 = 3; n/2 = 3 and 1/2(5~4) = 1) 
Thus the coefficient of the Coulomb integral is 1. Now let us consider the 
coefficients of the exchange integrals of equation 17.34. Each pair of 
atoms, a—b, c—d, e—f, constitute a single island for which f(p) = 1 and 


consequently the coefficients f(p).1/ o(3-") for the integrals A,,, A;q and Ay 
are equal to unity. The pairs of atoms 6—c, d—e, a—fare in different islands 


and hence p=0, f(p) = — 4 and the coefficients for the integrals A;., 
Aw and Ag are equal to — }. 
Thus 


Hy =C + Aas + Aca + Ay— hAge — 4Ag _ hA at 
= C+ 3a — 3a/2 = C + 3a/2. ».++(17.36) 
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In the same way in #y 7 


f= 3; n/2=3; 1/2 (3 i) es 1, and thus for A,, A,, and Ag, p = 1 and the 
coefficient of the integrals is 1. For Aq, A,gand Ay, p = 0 and the coefficient 
is — 4. Hence 
My yp = C+ Ay + Age + Aue — $Aas — 4Aca — FAY 
= C + 3a/2 ene (19:37) 
Thus both Kekulé structures with three normal 7 bonds have the same 


energy. Now let us consider the energy of the Dewar structures. For 
HK yt wy We have the structure, 


Here :=3; n/2=3; 1/23 “) = 1. For A, and Ay, p= 1 and the 
integral coefficient is 1. For Ags, Aca, Ag and Ay, P = 0 and the coefficient 
is — #, so that 


Myr ur = C + Aye + Ay — $(Aes + Aca + Ace + Aa) 


=C+2a—Sa=C oe (17.38) 
In exactly the same way 
Hwiwvw= t#yy=C -+++(17.39) 


The energy of the Dewar structures is less than that of the Kekulé 
structures since there is virtually no third 7 bond on account of the great 


distance. 
For the structure #, 1; we have the structure 


a 
> 
b 
| | 
e ¢ 
\ 7 
d 
It consists of a single island, hence : = 1 and 1/243 ie. 1/28-}) = 1/4. For 


all pairs of atoms which shall be considered here p = 1; f(p) = 1 and the 
coefficient of the exchange integrals is f(p). 1/4. = 1/4 Hence 


Hy = }(C + 6a) = C/4 + 3a/2 ....(17.40) 
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The structure for #; 1; has the form 


The number of islands is 2, i = 2 and 1/2(3 ~)= 1/2@-% = 1/2. For Ay, 
Ay, Acg@and Ay, p = 1 and f(p) = 1. The atom groups a—f and d—e are 
located in different islands and for these cases p = 0, f(p) = —4. Hence it 
follows that 


Myr = 4(C + 4a — 2a/2) = C/2 + 3a/2 woe (17.41) 
For the structures 
a a a 
i NN sS 
fe Sf b b 
Hiv | Hiv | om | | | 
€ ¢ € C e C 
Vi Or a \ 
d d d 
a a 
ra ; a \, 
Hw Vv f | Huy \ | 
or a C € Gy 
iF \ 
d d 
we find that 
Kiw= HX, v= ym = Ky w = Kyv = C/2 + 3a/2 
cewe (17.42) 
In the structure for Hy; 1v 
a 
S b 
4 
ec” | ¢ 
vA 
d 


there is only one island a—f—e—b—c—d—a andi = 1. From a it is possible 
to transfer to_f passing only one space, p = 1, and the same applies to the 
pairs b—c, c—d, e—f. In order to transfer from a to 4, it is necessary to pass 
from ato d,dtocandcto 6. Thus for integrals A,, and Ay, p = 3 and 
f(p) = 1. The coefficients of the Coulomb and all transfer integrals will 
be 1/4 and hence 

KHiniv = 4(C + 6a) = C/4 + 3a/2 dee P74) 
Similarly 


Minv = Hywvy = C/4 + 3a/2 .... (17-44) 
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From the equations 17.36 to 17.44 we obtain the following secular equation 
for benzene 


C+ga—E 3C+$a—2E 3C+$a—4£ 3C+$a—3E 3C+$a—4E 


1C+3a—1E C+3a—E 34C+3a—3F 4C0+$a—3E 34C0+83a—-2E 


1C+3a—13E 3C+30—-3E C—E 1C+$a—-1E 1C+3a—1E 0 
'Cise-3E GCsge-4r ACE ean1E C2E 1C-+30—28 | 
)1C+to—4E 1C+3a—1E 1C+3a—1E 1C+3a—1E ce | 

». ++ (17.45) 


This equation is of the fifth degree. Let us write in place of the functions 
I-V new ones such that 


A=I4+4I1I 

B=11+IV+V 

C=II-T1 ». +. (17.46 
D=V—II = 
E=IV—V 


HAA = Hr, t Huy t2H,y = 204+ 3a +310 +3a=—8C+6a 


Hap =A t+ #Hiwt Aiv t+ Hum + Huw + env = 3C + Va 
Hye = Ayn t+ Hun — #411 —- #1 = V0 etc 


....(17.47) 
and the secular equation has the form 
8C+6a+3E 3C+9a—3E 0 0 0 
3C+9a—3E 3C+9a—2E 0 0 0 
0 0 CE—3E 0 0 = 0 
0 0 0 8C—3a—3E 0 
0 0 0 0 8C—3a—3E 
»...(17.48) 


This equation may be reduced to a quadratic and three linear equations : 


8C+6a—$8E 3C0+9a—3E 
= 0 ..+-(17.49) 


| 


8C49a—-3E 2C+49a—8E 
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C—E=0 
C—2a—E=0 
C—2a—E=0 
From these equations we find all the solutions of E: 
E,=C+a(vV13 — 1) =C+2-6a 
2=C 
E, = C — a(V/13 + 1) = C — 46a 


.. (17.50) 
.. (17.51) 
.. (17.52) 


. (17-53) 
. (17.54) 
. (17.55) 
.. (17.56) 


As a result of the resonance of the valence bond structures five states arise, 
the energy of the lowest state, z.e. the most stable being C + 2-6a. The 
energy of one Kekulé structure is C'+ 1-5a (see equation 17.36). The 


resonance energy of benzene is thus I-Ia. 


As a second example of the six electron problem we shall consider fulvene, 
which is of particular interest as it is the simplest coloured hydrocarbon. 


Its chemical structure is 


CH, 
I 


As in benzene there will be five canonical structures 


\, ra b f | 6 f js 


a 
Jy 
é C 
\ 
d 
V 


é ¢ é ¢ e ¢ e x ¢ 
/ \ Va 
d d d d 
I Il Ill IV 
Indicating the carbon atoms of fulvene in the following manner 
dCH, 
a 
f b 
e C 


it follows that the canonical structures correspond to the following valence 


bond structures 


I I] Ii IV V 
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Although the same formula for the calculation of the integrals has been 
preserved, there is an essential difference introduced by the different 
arrangement of atoms in space, in that the integrals between adjacent 
atoms Aga, Aa, Aas, Ase, Ace and A, will not be equal to zero whereas the 
integrals Aq., Age, etc will be equal to zero. 

In the structure for # |, 


= 1 for the pairs a—b and e—f, and hence the coefficient of the integrals 
A, and A, is unity. For the remaining pairs (a—d, a—f, b—c and c—e), 
fp = 0 and the coefficient of the integrals Aza, Ag, As, and A, is — 4. Thus 
Hy j as C + Ags a Ag a $Aca i tAy ae $A; +. 4A. 
we (17-57) 
The remaining integrals and the solution of the secular equation is obtained 
as in the case of benzene and we obtain for the energy of fulvene : 


3 = C—a ». (17.58) 
E,=C— 3a 
E, = C — 4:24a 
The energy of structure //J with localized 7 bonds is 
E=C+1-5a wee (17.59) 


so that the resonance energy of fulvene is 0-5a. 

Ir: the same way it is possible to calculate the resonance energies of other 
molecules, but as the number of electrons is increased, the solution of the 
equations in spite of the various simplifications which have been introduced, 
is difficult. For eight electrons a secular equation of the fourteen stages is 
obtained, for ten electrons one of forty two stages, corresponding to the 
possible number of canonical structures. It is true that these equations, as 
in the case of benzene, can be divided into several more simple equations. 
But such methods, which are to some extent limited in application, require 
additional special methods which are generally not particularly effective. 
Thus in the case of naphthalene, with ten a electrons, it is necessary to 
solve an equation of sixteen stages. However, certain assumptions may be 
made which simplify the calculation; in order to illustrate the nature of 
these assumptions we shall apply them to the case of benzene. In this case 
we have two Kekulé structures with equal energies, E = C + $a and 
three Dewar structures E = C. Owing to the equality of the energy values, 
both Kekuleé structures enter the equation : 


p= 6D, + CoP + CP iy + C,Priy + c,Py ‘neck (17.60) 


with equal coefficients 
¢, = =a ....(17.61) 
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and applying the same argument to the case of the Dewar structures, we 
have 
Cg =, =¢, =) ....(17.62) 
Substituting equations 17.61 and 17.62 in 17.60 we obtain 
P = a(P, + Dy) + (Gy + Py + Py) = af, + b®, 


...- (17.63) 
Thus the resonance of only two states corresponding to ®, and ®, has to 
be considered. We then have the secular equation 


| Haa— E Hay — ESas 


| =0 ....(17.64) 
| Ha —ESy Hy —E | 
The integrals of equation 17.64 are easily obtained from the canonical 
structures and the final secular equation will be 
§C+6a-—$E 30+ 9a — 3E 


=0 ~~ ....(17.49) 
'3C+9a—3E $2C0+ 9a — 3F 


with the roots 
E=C+a(—1+# vV13) ....(17.65) 
1.e. not all energy levels are obtained but only the lowest and one of the 
higher levels. 
An alternative method of simplification of the secular equation consists 
in rejecting the less probable structures. If in benzene, for example, only 
the Kekulé structures are considered, 


© = ¢,O, + 6.9, ....(17.66) 
then from equations 17.36, 17.37 and 17.40 we obtain the following secular 
equation : 
C+fa-—& 10+8a-—1E 


=0 .....(17.67) 
|} gC +3a- fF C+ 3a—E 
with the solutions 
EE, = C+ 2-4a ....(17.68) 
and 
bk,=C ....(17.69) 


By this approximate method the resonance energy becomes 

Ewa. = (C + 2-4a) — (C+ 1-50) = 0:90 ....(17.70) 
Thus it follows that the resonance energy is determined mainly by the 
superposition of the Kekulé structures. The Dewar structures giving the 
comparatively insignificant additional stabilization of 90-2a. 


CALCULATION OF RESONANCE ENERGY BY THE 
MOLECULAR ORBITAL METHOD 
When two electrons form a bond between two atoms, each electron is located 
in a bonding molecular orbital : 
p= cu, + dy, egeow( E7271) 
where ¥, and y, are atomic orbitals of the electrons of the two atoms. 
The energy of the electron in such an orbital will be 
E=C+8 wo. (17.72) 
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where C' is the Coulomb energy of interaction of the electron with both 
nuclei and the second electron, and £ is the exchange integral. The exchange 
energy being caused by the exchange of the electron between the two atomic 
orbitals %, and 4. The exchange integral is 


B= [by U bade seenctyeys) 
which must not be confused with the exchange integral of two electrons 
a = [o(l)po(2) I ypo(1) Pa(2)dr Grey) 


In each molecular orbital two electrons may be located and in the present 
treatment it is considered that the motions of the two electrons are inde- 
pendent of each other. The wave function of the bond will therefore be the 
product of the two wave functions of the first and second electrons and the 
energy will be the sum of the two electronic energies, 7.e. 


E = 2C + 28 Sige 09275) 

The energy of a single 7 bond will thus be given by this expression and 

therefore if the three 7 bonds in benzene are localized, then the energy 
will be 

E = 6C' + 68 cacao 9.76) 


Actually, each of the six 7 electrons is located in the field of six nuclei, 
t.e. in the molecular orbital : 


b= Chi + Cope + Cgg + Cay + css + cee ---- (17-77) 
If the values of the coefficients for which the energy is a maximum is 
obtained, for example, by the variation method, it is then possible to obtain 
the most probable orbitals for the electrons in the field of six nuclei and to 
obtain the energies of these orbitals. Starting from the equation 17.77, we 
obtain the following secular equation : 


Hi,—E H 1 —ES). H 13—ES Hy4—ESy4 H,—ES)5 H ,—ES 4 
H 19 —ES 19 H o.—E Ho,—ESo5 H o4—ES 94 H ,—ES 95 H og—ESo¢ 


H 13—ES), H o3—ES 93 H3,—E H 34—ES34 H 35—ES35 H g—ES 36 


=0 
H 4—ES 4 He o4—ESo4 H 34 —ES 34 H yy—E H 4g—ES'45 H 4g—ES 46 
H ,—ES), Ho,—ESo5 H 3,—ES35 H yg —ES 45 H,—E H 5g—ES 56 
H 1g—ES 1, H ag—ES o¢ H 3g—ES 34 H eg —ES 46 H 5g—ES 56 H gg—E 
»... (17.78) 
Let us now evaluate the integrals. Integrals of the type #;; are given by 
Hi = [yi H ys dr ~..-(17.79) 


As is clearly seen, these integrals denote the energy of Coulomb interaction 
of the electron of atom 1 (in orbital ¥,) with all the remaining nuclei and 
electrons. Let us denote these integrals throughout by C. The integral 
H y2 equals 


Hr = by Hpadr .... (17,80) 
and represents the exchange of the electron between two adjacent atoms 
1 and 2. We shall call this integral B (see equation 17.73) and since in 


benzene all the nuclei are identical, the remaining integrals between 
adjacent atoms, #55, H54, Hgs5, Hs, and H#,, are equal to B. The 
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exchange integrals between non-adjacent atoms are small and may be 
neglected. Non-orthogonal integrals of different atoms, e.g. 


Si= [dated oo. (17.81) 


may also be taken as equal to zero. With these modifications the secular 
equation 17.78 becomes : 


C-E 8 0 0 0 p 
Bp C—-E_ &B 0 0 0 
0 S Ck ZB 0 0 
0 0 Bp C—-E 8 ele" 
0 0 0 SB Cae -2 
B 0 0 0 p C—E 
“... (17.82) 


The solution of this equation may be obtained in the usual way and the 
roots are : 


E,=C+ 2B 

£,=C+ 8 

F,=C+ 8B ... (17.83) 
E£,=C—B8 

E;=C— 

E,=C — 2B 


Consequently there are six orbitals for the electrons, the most favourable 
being the first, with energy C + 28, and in it will be located two electrons. 
The remaining four electrons will occupy the following two orbitals, both 
with energy C' + £8. It is not difficult to see that the remaining orbitals are 
non-bonding orbitals since the energy in orbitals 4, 5 and 6 is greater than 
in the atomic orbital E = C. The stability of the system is due to the fact 
that all the electrons may be located in bonding orbitals and the energy of 
the six electrons will be equal to the sum of the energies of the different 
orbitals occupied by the electrons 7.e. 
2(C +28) + 2(C + B) +2(C + f) = 6C + 8B 

With six isolated 7 bonds the energy would be only 6C + 68 and hence 
the transfer of the six electrons to the field of all the nuclei gives a gain of 
28. This represents the value of the resonance energy, expressed in different 
terms than in the Slater-Pauling method. 


COMPARISON OF CALCULATED AND EXPERIMENTAL VALUES 
OF RESONANCE ENERGY 
The resonance energies of a number of molecules are given in Table CLXXI11. 
In the second column the resonance energy calculated by the Slater-Pauling 
method is given in terms of the exchange integral a; in the third column 
the same quantity, calculated by the molecular orbital method is given, 
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expressed in terms of the exchange integral 8. Comparison of the two 
methods is made by obtaining the ratio B/a (column four) which should be 
a constant, and is found to be so for the aromatic hydrocarbons. In the 
fifth column are given the esperimental values of the resonance energy 
calculated according to the methods given in Chapter 11. From these 
values it is possible to obtain values for a and B which are given in columns 
six and seven respectively. As is to be expected both series of values are 
approximately constant. The low value of a for butadiene is due to the 
fact that we have assumed that all the exchange integrals between adjacent 
atoms are equal. This is correct in benzene but in butadiene, the actual 
distances between the atoms in the bonds a—é and c—d are equal to 1:35 A 
and the interatomic distance in a—c is 1:-46A. The true value of A,, is 
therefore less than A,,. Thus since in the calculation of the resonance 
energy, we assumed that both forms contributed equally to the resonance, 
the contribution of the structure with the double bond between the central 
atoms was overestimated and that with the double bonds between the outer 
carbon atoms underestimated. 


Table CLXXIIT, Calculated and Experimental Values of Resonance Energy 


Resonance energy Experimental | 
calculated by method of value of | » _ Fer. | p For. 
Molecule ————————_ ——___—_——_ B resonance | Ecate Eee. 
Slater- Molecular a energy | 
Pauling orbital | | keals | kcals | kcals 
Butadwene | 0°23 0-478 0°49 4°1 18 —_ 
Hexatriene 0-48a 0-998 0°48 a — — 
Ostatriene 0'73@ 1°52 0-48 | _ —_— —_— 
2-Vinylbutadiene 0°44 0:90 0°49 _— —_ — 
Benzene Ila 2B 1 = 0°55 34°4 31 17 
Diphenyl 2°37a 4388 | 054 756 32 17 
Naphthalene 2°04 3-688 0°55 63°4 31 17 
Styral 131 | 2°428 | 0°54 38-2 29 16 
Stilbene 2°59a 4888 0°53 | 79°0 30°5 16 
Anthracene — | 5-328 — 86-2 —_— 16 
Phenanthrene — ! 5-428 — Yy3'0 — 17 


COLCUR OF CHEMICAL COMPOUNDS 


We have seen that owing to the resonance of valence bond structures there 
arises several energy levels of the molecule. The lowest of these is the ground 
state of the molecule and the higher levels represent excited states. If the 
difference in energy between these levels is not great, then the transfer of 
energy £,—E, may be brought about by the absorption of a quantum of 
light radiation Av in the ultraviolet or visible region of the spectrum’. If 
the light quantum absorbed corresponds to a frequency in the visible 
part of the spectrum, the compound will be coloured. ‘The method of 
Slater and Pauling described in this chapter gives the different energy 
states of the molecules. In benzene the difference in energy of the 
ground and the first excited state is 2-6a, or when only the Kekulé 
structures are considered 2‘4a. The calculated energy differences of the 
ground and excited states of a number of molecules are given in 
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the second column of Table CLXXIV, 
and since for the higher aromatic 
hydrocarbons, only the Kekulé 
structures have been considered, the 
value of 2:4a is taken for benzene. 
In the third column are given the 
experimental wave lengths of the 
absorbed radiation and by equating 
E, — E,=hv=hefa it is possible 
to determine a (fourth column). For 
aromatic hydrocarbons a varies from 
37 to 43 kcals. The deviations in 
the case of butadiene and hexatriene 
are due to the same reason that has 
been discussed above. From reson- 
ance energies, the value obtained 
for a varies from 29 to 31 kcals and 
taking into consideration the very 
approximate natureof the calculation 


Table CLXXIV. Difference of Energy Levels and 
Positions of Light Absorption Maximum 


Molecule 


Benzene .. 
Naphthalene 
Anthracene 
Naphthacene 
Pentacene .. 
Phenanthrene 
Pyrene 
Fulvene 
Azulene 
Butadiene .. 
Hexatriene. . 


Difference of | Position of | a 


enere y levels 
E,-£, 


2°40 
1°Q7@ 
1:-60a 
1°31a 
1:08a 
1°Q4a@ 
1-70 
1-76 
3°42m% 
2°71 
1-04a 


absorption A 


maximum _ | keals 


2,550 42 
2,750 37 
3,700 4! 
4,000 4! 
5,800 43 
2,950 39 
3,300 39 
3,600* 43 
2,1! 70 5! 
2,650f 49 
7,000 50 


* According to measurements 0n w, w—dimethylfulvene. 
t According to measurements o 


D 
C,H, (CH=CH), CH, COOH, 


better agreement is hardly to be expected. The fact that the widely differing 
methods of thermochemistry and spectroscopy lead to values of the same 
order of magnitude, may be regarded as support for the quantum mechanical 
treatment. The theory correctly predicts the existence of a close series of 
energy levels which explains the absorption in the long wave ultra violet 
and in the visible part of the spectrum. 

The relationship between resonance and the colour of chemical com- 
pounds has proved to be of great assistance in explaining the observed 
empirical laws of relationship between colour and chemical constitution. 
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MATHEMATICAL APPENDIX 


SCLUTION OF THE SCHRODINGER EQUATION 
FOR THE HYDROGEN ATOM 


THE detailed solution of the equation 


0? 02 0? 822m e 
a sh toe t+ (E+2)p=0 — ....(18.1) 
has been given in several monographs?! and it will be sufficient for our 
purpose here if we show how the discrete energy levels and the quantum 
numbers arise as a natural consequence of the method. It is necessary 
first to express equation 18.1 in terms of the spherical coordinates r, 6 and 

The relationship between the cartesian and spherical coordinates is 
given by the following expressions ; 


x=rsin@cos¢ roe Vf/xt 4 y2 4 72 

. rs 
y =rsin 0cos¢ ee ate ator +. (18.2) 
z= rcos 8 tan¢d =2 


Substituting the values of x, y and z given in equation 18.2 into 18.1 we 
obtain : 
90 ] duds l ; yp 822m eFN a... 
25, (F oy) + Fan®s ag? 7 resin 39 (80 055) +r Az (E +7)$=0 
.. (18.3) 


This equation may be divided into three more simple equations. We 
shall seek a solution %, which is dependent on the three variables r, 6 and ¢ 
and which is the product of three functions, R(r) dependent only on 1, 
© dependent on 8 and © dependent on ¢. Thus, 


(7, 9,6) = R(r) O(6) P(4) . «+. (18.4) 


Substituting equation 18.4 in 18.3 and dividing the equation obtained by 


sin? 6 WC obtain : 
sin? 6d 1d’® _ sinéd d@ 8rr*mr? sin? @ e2 
aan a) tp agr To a6 (sin 675) +p (E+; )=0 
(18.5) 
in which ¢ occurs only in the term = Be Rearranging, we obtain : 
sin? 6d / ,dR sin 6 d dO 822mr? sin? 6 e2 
Rag a) +e agg) toe (E+>)= 
1 a’® 
= — 6 Gp ....(18.6) 
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The left hand side of equation 18.6 contains only the variables r and @ 
and is independent of ¢, whereas the right hand side is a function only of 
2 
the independent variable ¢ and since the expression — 6 dg? is seen to be 


equal to terms independent of ¢ we may put it equal to a constant, which 
we Shall call m?*. 


We then have 
1 d*p = 
Sage »...(18.7)- 
or 
at = — moe .... (18.8) 


The solution of this equation will be 
O(d) = A exp (1774) .... (18.9) 


As is clear from Figure 2, 6 may vary only from o to 27, the function 
having identical values at ¢ and ¢ -++ 27, consequently in order for the 
function to be single-valued, 7% must be equal to an integer. Thus the 
solution of equation 18.9 is only possible when m = 0,4 1,4 2ete. The 
parameter m occurred in the old quantum theory as the magnetic quantum 
number. In the above treatment it arises directly in the solution of the 
Schrédinger equation, in contrast to the old quantum theory in which it 
was introduced as a separate postulate. 

The constant A may be obtained by normalization. For this, it is 
necessary to integrate the expression ®5 (¢) ®*5(¢), where ®*5 (¢) is the 
complex conjugate of ;(¢) through the range of variation of ¢, 7.¢. from 
O to 27, and to equate to unity : 


2r 
[ Pag) $*a(d)dp = 1 1. (18.10) 
where @*;(¢) = A exp (— 1m) 
This gives 
A? [exp (md) exp (— 1md)dp = A227 = 1 ~~... (18.11) 
and hence 
A=1/V2n .... (18.12) 


Thus the normalized function $;(¢) is given by : 


®z(6) = [exp (imd)]/V 2a . (18.13) 


Equation 18.8 is satisfied by the functions exp (#77) and exp (—imd¢) and 
also by cos md and sinmd¢. In certain cases it is more convenient to use 
the real in the place of the complex functions. The values of the function 


* This constant designated by m must not be confused with the symbol for mass 
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®@;(¢) in real and complex forms are given below for the various values of 


m (0, +1, +2 etc): 
Function ®-(¢) 


P,(¢) = 


9,6) =e epi) or Pa (4) = = cos 


O_1() = —eexp (—if) or Py ain (6) = = sing 


6,($) === exp (216) or Py (4) = = 2 


} 
P_»($) = / Qa exp (—279) or ®, sin (¢) = Pe = sin 2¢ 
7 J 
.. (18.74) 
Substituting the value of m* given by oa 18.7 into 18.6 Sues : 
sin?@d / ,dR 6d 822mr? sin? 0 e? 
(78) — we 4838S (ino) 4 Setmisn®e (py #) a 


R dr \' dr Q@ dé 
... (18.15) 
or dividing by sin? 6: 
1d /_,dR m2 l d d@ Sir2mr? e? 
Ra (" i) ~ ante + Bain w (50 Gy) “a (E +7} =0 
.... (18.16) 


which on rearranging gives 


1 d/,dR 2mr? 2 n? l d;,;. ,d@ 
Ra (" a) 4a (E a, = nt == oan (nap) 
». (18.17 


In this expression, r does not occur in the right hand side and @ does 
not occur in the left hand side, consequently each part may be equated 
to a constant. Let us call this constant f and after multiplication of the 


r terms by * and the @ terms by @ we obtain : 


1 d d@ m0 
sin 6 dé (sin 9 a) — 3in20 + pO =0 .... (18.18) 
ld dR BR Sir2m e2 
55 (8S) -Sr tr (E+S)R=0 ....(18.19) 


We shall now seek a solution of equation 18.18 in the form of a series. 
The principles of this method are as follows : 
Let us substitute cos @ by z, then 


6(6) = P(z) .... (18,20) 
d9 dPdz_ aP Se : 
do dzdo az sin 6 > sin’‘@é = 1 —z ....(18.21) 
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and equation 18.18 assumes the form : 


< on a 2 Se } +f B — jor } Pe =0 ... (18.22) 


If we now make the one 


P(z) = (1— 2?)'™'? Gz) .... (18.23) 
where |m] is the absolute value : m, we obtain: 
d°G 
(1 — 2°) Ta 2] + eH e+ he li |({m| + 1) Vex 
(18.24) 
This should now be directly soluble by a power series. 
CO 
Let G = dy +. 4,2 + agz* + agz3 + «. == ba,z’ .... (18.25) 
which on differentiation gives, 
d 
“ = a, + 2a,z + 3a,z7 + «+++ = Beg, a ... (18.26) 
d°G 9 v-2 
get = 2ay + 3. 2agz + 4.3a4z7 + +++ = Save — l)z ....(18.27) 
The substitution of (18.25), (18.26) and (18.27) into (18.24) gives 
1.2a, + 2.3432 + 3.4442? + 4.54523 + -----++. — 
— 1.2a,z? — 2.3a3z3 — 3.4a,z4 — 4.54529 — «+--+ — 
— 2({m| + 1l)ayz — 2.2(|m| + jaz? — 2.3(|m] + lagz3 — -- +--+. + 
+ {8 —|m](|m| + 1)} ag + {B — |m|(lm] + I)}ayz+ 
+ {B [ai (1m +1) } age? + (BA [RL ( [| +) } age? $ overeeee =O 
....(18.28) 


In order that this is true for all values of z, the coefficients of z and the 
higher powers of z must be equal to zero. Hence, 


2 12a, + {8 —[m| (lm -+1) } a= 0 | 
zt 2.3a, +{({8 —|m|(|m|+ 1) } — 2(|m] +1) a, =0 
z 3.4a, + [{B —|m|(|m]+ 1) } —2.2(|m| +1) — 1.2] a, =0 
Zz 4.5a, +([{B —|m|(|m|+ 1) } —2.3(|m[+ 1) — 2.3] a, =0 
2 (v1) (042) ay42H {8 — [ml ( [9%] +1)} —2.0( | +1) —v(v—1) Ja, =0 
.. » (18.29) 
or 
v +imn|)(v +[m(|+1) — 
Ota = (Baal ae hon pF a .. (18.30) 
A detailed investigation of the series obtained shows that it does not 
have a finite sum when |z| = 1, which corresponds to the values for @ of 


0 and w. But since © (6) 1s a parameter of the wave function , which is 
finite at all points in space, © (@) must also always be finite, even when 
86 =Oora. These conditious are only possible when the series contains a 
finite number of terms and the series may be broken off at the term in 2" 


by putting 
B= (e+ |m|)(o +|[m|4+ 1) ....(18.31) 
This makes the numerator of equation 18.30 equal to zero, so that at any 
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value, a,, all the coefficients a,4;, @,42 et¢ will be equal to zero and 
instead of an infinite series, a polynomial is obtained. Thus, owing to the 
condition that the function % must be finite, the function B may only 
assume certain definite values. 

It will be convenient to introduce a new quantum number /, given by 


f=v+ |m| .... (18.32) 
which may have the value zero, or any real number. From equations 
18.31 and 18.32, we have 

B=ll +1) .... (18.33) 


The substitution of equation 18.33 in 18.18 gives the equation for 8. The 
functions @ (6) are known as associated Legendre functions. We shall not 
derive the general solution of the equation but shall give the solutions 
which may be shown to be correct by substitution in equation 18.18 (for 
full details of the method see PAULING and WILson! page 125 et seq). 

The solutions of equation 18.18 are dependent on two quantum numbers 

and 7%. As we have shown above, / may have the values 0, 1, 2, 3 etc 
and is the analogue of the azimuthal quantum number of the Bohr- 
Sommerfeld treatment. From that fact that />|m%|, it follows that for each 
value of / there corresponds 2/ + 1 values of m which may have the values 
—l, —l41,°:-::—3, —2, —1, 0, +1, +2, +3, -°°°l-—1b 


The values of the function 9,, are given below : 
Function 9,1 


1=0 m0 Oyo(8) = V2 
{=1 m=0 0,(6) = V8 cos 6 
=] m=+41 6,4,(6) = V3sin 6 ! 
a ' (18.34) 

1=2 m=0 8,,(0) = i (3 cos®6 — 1) 

= /IB 
f{=2 m=+1 O,+,(8) = V1 sin 6 cos 6 
[=2 m=42 6.4(0) = sin? 


1 d7.dR BR , 822m e 
or puttng R(r) = rv(r) 


d? *m e 
ge (ror) — EA) og) 4 (BZ 4S) or)... (08.35) 


This equation contains the term E, the energy of the atom. When the 
electron is at an infinite distance from the nucleus, the energy will be 
zero and since, as the electron is brought up to the nucleus a negative 
amount of work is performed, the energy will have a negative sign. Since 
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we are interested here only in the non-ionized atom we shall solve the 
Sees for negative values of E. For large values of r the terms con- 
i(l = +2) 8m?me? 


taining and om will be very small and may be neglected. 
Equation 8. 35 then becomes 


d? Sr2mE 
“3 {r0(r)} + (— "3 ) ro(r) = 0 ....(18.36) 
which may be rewritten as, 
d? ‘i 
i (ru(r)) + a®rv(r) = 0 .. (18.37) 
where 
a = (— 82?mE/h?)t .... (18.38) 
The solutions of equation 18.37 are, 
ru(r) = C’exp (ar) ....(18.39) 
ru(r) = Cexp (— ar) ....(18.40) 


Only the second of these solutions satisfies the condition that equation 18.37 
approaches zero as 7 tends to infinity. We shall now obtain a general solu- 
tion in the form of a product of the above solution, obtained for large values 
of r, with a function f(r), which must first be evaluated : 


ru(r) = f(r) exp (— ar) .... (18.41) 


Substituting this expression in equation 18.35, we obtain the following 
equation for f(r) : 


d2f 2a V+ (sce L(l $ ye O  ....(18.42) 


dr? ~~ 
The solution of this equation will again be a power series 
io ¢] 
f(r) = 2 by? .... (18.43) 
whence 
df _ d*f 2 
7 Zubr oi 2 5,.v(v —1)r-? .... (18.44) 


Substitution of the derivatives in (18.42) leads to the following equation 
involving the coefficients of (18.43) : 


—822mE\t — 8n2me? 

[o(@ +1) — 10 +1) Jou, = 6 [20(—"=™) — SEP]. (08.45) 
When v = 1 it is evident that the left hand side of equation 18.45 will be 
equal to zero. Consequently values of 4, with uv </ equal zero and the 
series will begin with the term 6,,,7r/+} 

Investigation by the usual methods shows that the summation of this 
series for arbitrary values of £, tends to infinity as r—> oo and hence the 
product of the series with [exp (— ar)], t.e. the radial part of the wave 
function, does not tend to zero as r—> o, which is necessary. This re- 
striction places a limitation on the values ‘that E may assume and finite 
solutions exist only for such values of E, when commencing with v = n, 
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the series breaks off. This will occur if the coefficient of 5, on the right 
hand side of equation 18.45 1s equal to zero : 


Sr2mE\t  872me? 
2 (-— 7) -7 4 =0 ... . (18.46) 
which leads to the following solution for E (putting v = n) : 
Q7r2meA 
E=— ae 22. (18.47) 


where n is an integer and / <n— 1. Substitution in equation 18.19 and 
solution of the resulting equation leads to the following functions, generally 
known as the Laguerre functions : 


n=1 [=0 1s Ryo(t) = 5 2exp (—~) i aa 


n=2 %[=0 25 Roar) =ser(2 —<) a an, 


n=2 T=1 2% Ry lt) => Jot exp (—3.) 


rt nO tanga SHE) 0 (8 


n= 3 {= ] 3p R3i(r) = eis ove t sa)see" (—3,) 
n=3 €=2 3d = Rg(r) =——== ees =) 


. . (18-48) 
The product of the functions ®, © and R (equation 18.4) gives the full 


solutions of the Schrdédinger equation which have been given in Table IV. 
The functions %, corresponding to various atomic states, are orthogonal]. 


This means that the integral | babadr =(Q. The proof of the orthogonality 


of the wave functions is given by PAuLInG and WILson! page 441 and will 
not be discussed further here. 


DIRECTIONAL COVALENCY 


We wish to show first that the electron clouds of the three / electrons, 
possessing a shape similar to a figure eight, are directed along the cartesian 
coordinates. If f(r) represents the radial part of the wave function, we 
obtain from equation 18.14 and 18.34 the following expressions for the 
three p states : 

V3 


= ry f (r) sin @ cos ¢ 


| | 
m=4+1 < | 
v3 , 
a vy, = ev f (r) sin @sin ¢ b . .(18.49) 
m = Yr, = G S (r) cos 6 
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From equation 18.2, it follows that 


sin 8 cos¢ = «/r 
sin @sing = »/r .. (18.50) 
cos @ = 2/r 
and hence, 
Yn = 23 si) = As 
by = SO fe = flr (18.51) 
an V3 
Yo, = wre (= = pine 
where f(r) = vain Thus the function ¢, is directed along the x 


axis, function ¥,, along the y axis and y¥, along the z axis. 

Let us consider an atom a with two “valency f electrons and let these 
electrons be described by the functions ¥,, and yp, ; let the p, electron be 
termed electron 1 and the #, electron as electron 2. On the approach of 
an atom 8, its electron (3) will exchange with both the electrons of a, with 
one of them, for example 1, it will form a covalent bond whilst it will be 
repulsed by the second. The energy of the molecule ab according to 
equation 4.6 is 

E=C + An — }$ A’ = Cyg + Cog + Ax3 — 3 A's 
» (18.52) 
where Cy, and C,, are the Coulomb integrals, A is the sears integral 


between ‘the electrons of 1 and 3 and A’,, represents the exchange integral 
between the non-bonded electrons of a and 8, i.e. 


Ci3 = [vs (1) Hyp, (3) dr Ay = [brg(1) Po(3) 2 op, (8) Po(1) dr 
Cos = [b%p,(2)HY%(3)dr Ang = | Yoy(2) (3) 2 fp (3) Yo(2) dr 
.. (18.53) 


Let the atom 6 approach atom a along a line making an 
angle a with the axis x along which the electron cloud 
of the £, electron is concentrated. If the x and » axes 
are now rotated through the angle a (Figure 78) to form 
the axes x’ and »’, the atom 6 will approach a along x’. 
The new coordinates will be related by the formulae 


Figure 78. Rotation of 


x =x’ cosa — y’sina . (18.54) axes through an angle x 


y =x’ sina +7’ cosa 
and the functions ¥,, and yf, become on the new system of coordinates 
Ye, =Si(r)x = f(r) [*’ cos a — y'sin a] = py, cosa — yo’, sina 
Y, =Silr)y = fi(r)[*' sin a + y’ cos a] = y’, sina + Fay cosa 
. (18.55) 
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Substituting these values in equation 18.53 we obtain : 

Ci (pp, cos a — fp, sin a)2(1) Hyp%4(3) dr 1 
= cos? af ¥'%,(1) #y?s(B)dr +sin® af p',, (1) Hp(3)dr— | 
— 2sin a cos a b're(1) H',(1) p°(8)dr 

Co = sin? a { W'2, (2) HY?,(3)dr + cos? a { U2, (2) Hp?, (3)dr + 
+ 2sin a cos af 'p,(2) ¥'p,(2) HY%(3)dr 

....(18.56) 


Similarly from equations 18.53 and 18.55 it follows that 

Ayg= {(H'p,(1)cosa—y'p,(1)sin a) Yo(3)  Yr(1) ('p,(3)cos a— pp, (3)sin a) dr 

= costa fi’p,(1) po(3) H Ys(1) H'p,(B)dr +sin2a [i'p,(1)yo(3) Hyo(1(H'p,(3)er— | 
— 2sinacosa { th'p,(1) o(3) HE yoo(1) fp, (3) dr | 

A’ 9g=sin?a[ tp,(2) po(3) H yo(2) H'p,(3)dr + | 
+ vos?a fp’, (2) Po(3) Hyo(2) p',,(3)d7 + 
+ 2 sin a cos af p’,,(2)fo(3) Hbo(2) H'p,(3)dr | 

. 2+. (18.57) 

It is possible to show, that the integrals bp (1),,(1) p?,(3)dr and 

tb 'ng(1) Yoo(3) Hp 4(1) 4's, (3)dr are equal to zero and hence 

Cy, = cosa { y'2, (1) Hb%(3)dr + sin2a { p’2, (1) p28) dr 

Co, = sin?a | "2, (2) Hp2s(3)dr + costa b'?, (2) H024(3) dr 

Ayy= costa f p,(1) Po(3) H Yo(1) p'p,(B)dr-+sin2a f p/y,(1) po(3) 2 po(1) pp, (3) er 


A’ gg=sin2afp,(2) Yo(3) H Po(2)'p_(3)dr-+-c0s2%a fp, (2) Yo(3) 3 os (2),(3)dr 
.... (18.58) 


whence it follows that 
C=C 4c. = [¥?,, 3 padr + [¥%,,% pdr .... (18.59) 


Thus the total Coulombic energy does not depend on the angle of 
approach of the atom 6. On a change in the value of a, the energy of 
interaction of the electron of atom 6 with each of the electrons of a changes, 
but the sum of the interaction energies remains constant. 
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The exchange energy, on the other hand, 1s given by : 
A = Ay, +} A'os = (cos?a — } sin®a) i Pn, by’, dr + 
+ (sin?a — } cos*a) [y',,, 2 y'p,dr 
={ (3 costa — 1)/2}{ | PrP Hv, b'»dr — f bp, He dryW'p dr} + 
ied i bp, PC b,b'p,dr .... (18.60) 


and as is evident, A is dependent on the angle a. The relative positions of 
a and 4 in the molecule will be such that the energy of the system is at a 
minimum and the exchange energy is a maximum. This position may be 
obtained by differentiating 18.60 with respect to a: 


dA/da = 3{ [Hot dw’ p dr = i] bp, rH b,b',,dr}sin a cos a 
.... (18.61) 


and it is evident that dA/da = 0 when a = 0° or go°. The bond is thus 
formed in the direction of the x axis where the overlapping of the electron 
orbitals is at a maximum and the repulsion energy due to the f, electron 
is at a Minimum. 


HYBRID ELECTRON FUNCTIONS 


In order to derive the tetrahedral hybrid electron functions we shall follow 
the method of PAuLinG? and show that the linear combination of one s 
and three wave functions give maximum. stability of the bond. The 
linear combination has the form : 


pb; = ap, + bby, + chp, + dp, 


We shall attempt to determine the values of the coefficients a, 5, c, and d 
which permit the greatest possible overlap of the resulting orbitals with 
the orbital of another atom. Let us suppose that the bond is formed in 
the direction of the z axis, so that the linear combination of the orbitals 


may be limited to 
Py = ay, + bhp, .... (18.62) 
This function must be normalized, 2.e. 


[r2dr = 0 p,2dr + 20bf da.dr + 0?(U% dr = 1... (18.63) 
The wave functions ¢%, and ,, are also normalized and mutually orthogonal : 
[ber =] [Pode ai [Yibocdr =0 ....(18.64) 


and it therefore follows in view of equation 18.64, that 18.63 becomes 


a®*#+ b%=1 .... (18.65) 
and therefore equation 18.62 may be written, 
py = ag, ai (1 — a®)ty, Sia (18.66) 
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we have that : 

1 

b, = SJet (r) 

bE 7y) sin 6 cos ¢ .».. (18.67) 
V0 
V3 dened 

— ——— f(r) sin @sin 


bre =e f (7) cos 6 


We are concerned here only with the angular dependence of the wave 
function and we may assume that the radial parts of the wave functions 
are so closely similar that their differences can be neglected. If we then 
regard 1/27 as part of the normalization constant and put f(r) = 1 we 
obtain : 


ip, =] ee 
w= V3sin 6 cos ¢ .... (18.68) 
Yo, = V3 sin @sin ¢ 
bp, = V3 cos 6 
For the particular case of the direction along the z axis (7.e. when 8 = 0) 
Y, =1 .... (18.69) 
bp, = 1/3 
which on substitution into equation 18.66 gives 
tig=0) = at V3(1 — a?) ....(18.70) 


In order to determine the value of a corresponding to the greatest value 
for % In a given direction, it is necessary to differentiate equation 18.70 
with respect to a and equate to zero : 


La. ene 
aa | aV30 — 2) = 0 .. (18.71) 
and 
a= 1/2 .. (18.72) 
and consequently 
] 
b= . wb, + V3 oy /2 .. + (18.73) 


In the same way it is possible to find the hybrid orbital of the second 
electron. Let the second bond occur in the plane xz. For this orbital 
it Is necessary to consider only the linear combinations of the functions 


B., Pp, and bp, : 
bo = anh, + baby, + dothp, .... (18.74) 


and, as in equation 18.63, the normalization of the wave functions leads 
to 
ao? + 6,2 + d,7 = 1 .. (18.75) 
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The functions ¥, and %, must be orthogonal and hence since d, = 0, 


fbadadr = [bbs + V3-vp /2) (ant bop, + daily Jer = 4/2 + VB. by/2=0 


. . (18.76) 
and hence 
a, = — b,/3 .... (18.77) 
From equations 18.75 and 18.77 it follows that 
4a,27/3 +d,2=1 ; d,=(l — 4a,2/3)* .... (18.78) 
1.€. 
Po = apy, — Ao%),V 3/3 +(1— 4a,?/3) ty. ....(18.79) 
In the plane xz, the angle ¢ = 0, so that 
%p, = V3 sin 8 
vy, = 0 .... (18.80) 
Yo. = 1/3 cos 6 
Substitution of equation 18.80 into 18.79 gives, since %, = I, 
yo = a, — a, cos 6 + (1 — 4a,2/3)t. V3 sin @ .... (18.81) 


and the values of a, and @ at which ¥%, has a maximum value will be 
obtained by differentiation : 


4a, 
S82 = 1 — cos — pane /3sin@ = 0 
2 | eee a 
J 3 .. (18.82) 


cpm aesind +, /y — Me — - V3cos9=0 


and these equations are satisfied if 


cos8@=—1/3 ; a,=1/2 .... (18.83) 
and consequently 
b,= —1/2V3 ; d= V2/3 (18.84) 
and substitution of these values in e gives 
1 
te=3 + ve ME a sng Ue .. ++ (18.85) 
Since cos 6 = — 1/3, the function y, is directed along an axis making an 


angle of 109° 28’ with the z axis. In a similar manner we find for the 
third and fourth electrons : 


o3 = 9 Pte Yo. a 


I 
V2 Ys, 
l l 
y= 5 Ue — a7 Yo 7g 5 Yr, 
the angle between any two axes being the tetrahedral angle. 
Another series of tetrahedral orbitals may be obtained starting from the 
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assumption that each hybrid orbital consists of one quarter of each of 
the s, p,, p, p, electrons (t.e., ay? = a.? = a,? = a, = }). On this 
basis the coefficients of ,, Yp., wpy, Yp, in the combined function will be 
+43. The four orbitals will thus differ in the different arrangement of 
the + and — signs of the wave functions : 


1=4 (p, + %, + Pp, 5 Pp.) 
po = 4 (4, — oy, — Yy, + %,) .... (18.87) 
bs = 4 (p, — vp, + tp, — ¥,) 
t= 43 (bs + , — Pp, = Pp.) 


These functions are exactly equivalent to those given above, their 
advantage lies in the fact that the identity of the four orbitals is more 
apparent. 

For the hybridization of one s and two f electrons, the s function is 
divided equally amongst the three resulting hybrid functions, so that into 
each hybrid electron orbital there enters one third of the s cloud (2.e. 
a* = 1/3). The first orbital may therefore be represented by 


¥, = 71/3. 4, + V2/3. by, ... (18.88) 
and is directed along the x axis. The remaining orbitals will be 


to = dap, + doy, + Coy, 
bs = ash, + dap. + Cap, le i) 


From the normalization conditions it follows that 


..(18. 
a3” + bs” + 37 = ed 
and since 
a, = a, = V1/3 ....(18.91) 
then 
2 2 __ 
eae a ae . . (18.92) 


From the orthogonality of the wave functions it follows that 


[ (VIB be + V 2/8 Yo.) (VIPB b, + bate, + catty,)dr = 1/3 + V2/3 6, = 


.. (18.93) 
Hence from equations 18.92 and 18.93 it follows that : 
= aoa (t, 
¢, = Vp (18.94) 
and similarly : 
oon stea (1G: 
fg = — V1/2 (18.95) 
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Finally we have 


] 2 
py ag te NE ¥,. 
l ] ! 
lem 7a Vs V6 Ys + 5 Hy 
Ss Min he gee et 
Ha ig ete VEN | 


The hybrid wave functions of one s and p electron will be 


] } } 
Ha 7g tT 75 Mee | 
l ] 
bo ~ 4/9 ib, — /2 Yo. J 
Five hydrogen like d orbitals are : 
ce Jefe (3 cos? 6 — 1) 


dy, = V15/ (r) sin @ cos @ cos ¢ 
dy4g = V15/f (r) sin @ cos 6sin d 


arty = fet (r) sin? @ sin 2¢ 
4 


dy = /12 £0) sin* 6 cos 24 


...(18 96) 


.. (18.97) 


. . (18.98) 


where f(r) is the radial part of the wave function which need not concern 
us, as we are primarily concerned with the angular dependence of the 


wave functions. 


For six hybrid dsp? orbitals we obtain : 


a. 
. ‘ I 
bh, = —- fb, — — — ub 
re vo" nn ta 
1 
;, = —— i +3 + — 
oe veut vn 49 v3 


Pre 


1 
by = var + HM + 4 Ya, — ee 
} it 
bs aa 1/6 #, + mar Yd, — $ Pay TF Ye, 
1 
te a wae + os We ~ 3 Ply — Fe be, 
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and for the formation of four dsp? hybrid orbitals we obtain by the same 
inethods : 


by = hd + 4a, + Geto, 
ba = BU +B eg — Jet, sssstnenieey 
ba = bs — Beg + Gy. 
be = 4 — Beg — a, 


VIBRATIONAL AND ROTATIONAL STATES 
In order to determine the vibrational and rotational states of molecules, 
we shall consider the case of the diatomic molecule. To a first approxi- 
mation we shall assume that the vibrations are harmonic (see Chapter 1 
equations 1.12 ef seg). We have 
Fe= -- kx = m(d?x/dt*) .... (18.101) 


where x is the displacement due to the force F and k is the proportionality 
constant. The angular velocity w is given by 


w= Skim ....(18.102) 
and since 
w = Inv ....(18.103) 
where » is the frequency of vibration hence 
vy = (1/20) Vk/m ....(18.104) 


In a diatomic molecule, if both atoms are vibrating, the masses are m, and 
m, and the equilibrium distances from the centre of gravity of the molecule 
are r,; and r,, then 

My, = Mofo .... (18.105) 
Let the nuclei be displaced through distances x, and x,, the centre of 
gravity will remain in the same position and hence 

m,(ry +) = m,(r2 + Xo) .... (18.106) 

or 

MX, = MoX, .... (18.107) 
Thus we have x, = m,x,/m, and x, = m,x,/m,. The total displacement 1s 
(x, + *,) and consequently 


F = — k(x, + x.) ...+(18.108) 
substituting for x, and x, we obtain 
= —£(Mebm), — _ fm tim 

F= k( — )x. = k( ie )x, .... (18.109) 

The corresponding equations of motion, will be : 

d*x, m, + Ms, d*x. m, +m, 
ie ad (eae and m, Gat = — k( a ) 

(18.110) 
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Multiplying the first equation by m,/(m,-+m,) and the second by m,/(m, +m) 
and adding, we obtain : ; 
mym, \(d?x,; , d*xo\ 
Gees ” a sot tat) = (ey tty) (18.18) 
Replacing (x, + x.) by x, we obtain 
mm, dx 


augue ore .... (18.112) 
This represents the vibration of a particle of mass m where 
m = mym,/(m + ms) .... (18.113) 


Thus, the vibration of two atoms about two equilibrium positions may be 
replaced by a single oscillator with a reduced mass m. The frequency of 
the oscillator will be 

vy = (1/27) Vk/m = (1/27) Vk(m, + m,)/mym,_—.... (18.114) 
The work done in displacing the oscillator from the equilibrium position 
to a distance « 1s 


[axde = kx?/2 oo. (18.115) 


Vv 
This quantity is numerically equal to the potential energy V. Since 
x = A cos 2m (where A is the amplitude) then 


V = kx?/2 = 2n2v?mx® = 202v?2mA? cos? 2rvt —... . (18.116) 
The kinetic energy J 1s given by, 
T = mv?7/2 = 5 m(e) == 2rr*y?mA? sin? 2Zrvt .... (18.117) 


Thus the total rey of the oscillator is : 
= 20v?mA?(cos* Zmvt + sin® 2mrt) = 20°y?mA? 
. (18.118) 
In the old quantum theory it was assumed that the oscillator may only 
have certain energy values defined by : 


E = xhv ....(18.119) 
where n is an integer. The oscillator can absorb energy only in quanta, 
and the energy changes from E£, = nhv to E,,, = (n + 1)hkvy. From 
equation 18.118 we have 

E, = nhv = A,?2n7v2m .... (18.120) 

E,4i = (n+ lhv = A*,4, . 202m .... (18.121) 

During the absorption of energy, the frequency remains the same, only 

the amplitude changing. ‘Thus in contrast to the classical treatment the 

amplitude cannot possess any values but only certain values A, Av/a, 
An/3, etc and 


0 Wie .... (18.122) 


In the same way that the application of quantum mechanics has modified 
the original quantum treatment of the hydrogen atom, the above equations 
have to be modified. The Schrédinger equation for a linear oscillator is 


2 
a 4 sont (E — 27y2mx?) yp = 0 ...- (18.123) 
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For convenience in the following treatment we shall put 


822mE 4m?my 


jg =a and ; = 6 .... (18.124) 


and 

a/b = 2E/hy soe (18.425) 
In place of the coordinate x, we shall employ a coordinate g which is 
related to x by 


g=xVb . + (18.126) 
Then 2 i 
d 
i ae dq? »» (18.127) 
Substituting equations 18.125 and 18.127 in 18.123 we obtain : 
d*p a 
dq? +({-9)¥=0 »... (18,128) 


On solution of this equation it appears that a/b may assume only the 


values 1, 3, 5, 7 etc, or in general 2n + 1, where n is an integer. It is clear, 
for example, that 


y = exp(— 2/2) »... (18.129) 
is a solution. The second differential coefficient of equation 18.129 gives 
a? 
Get —y=0 » (18.130) 
1.6. 
alb = 1 = 2E/hy or E=hr2 ... (18.131) 
also 
Ww = 2¢ exp (— g?/2) .... (18.132) 
may be a solution ; on differentiation we obtain 
d2p 
qe ea a ee +6 6(18.133) 
and 
afb = 3 or E= 3hv/2 we (18.134) 
Other solutions will be 
yy = (49? — 2) exp (— g?/2) E = 5hy/2 
oo. (18.135) 
ys = (8g° — 129) exp (— 9°/2) E = Thy/2 
... (18.136) 
yy = (1694 — 48¢? + 12) exp (— 92/2) E = Qhr/2 
».«. (18.137) 


From the above solutions we see that in general the energy of the 
oscillator (harmonic) may be expressed by 


E=(n+4)hy .... (18.138) 
and the energy may only assume certain values and is never zero, the lowest 
value (1.e. the zero point energy) being 4h». 

Let us now consider the possible rotational states of the diatomic 
molecule. The rotational cnergy of a diatomic molecule Is given by 
E == myv,7/2 + mv,"/2 ...- (18.139) 
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where v, and v, represent the velocities of the two atoms. If the number 
of rotations in unit time is » then 


Uy = 2aryv .... (18,140) 
U. = Qnrov »... (18.141) 

and 
E = 4n°y?/2(myr,* + mor.”) .... (18.142) 


We have, 277 = w, where w is the angular velocity and (m,r,?-+-m,r,7) =I 
where J is the moment of inertia of the molecule. Equation 18.142 thus 
becomes 

E = Iw?/? .... (18.143) 
On the basis of the old quantum theory the angular momentum mur was 
quantized in units of Jh/27 where 7 was an integer. Applying the same 
hypothesis to the case of the rotating molecule we have 


MyV4Ty + Meer, = Fhl27 .... (18,144) 
and substituting equations 18.140 and 18.141 we have 
2rv(myry? + more”) = Iw = Fhi2a ....(18.145) 
From equations 18.145 and 18.143 we obtain 
E = Fh? /807l .... (18.146) 


i.e. the energy of the rotator is proportional to 7*. The introduction of 
quantum mechanical methods leads to a similar solution. In the case of 
the rigid rotator, r is a constant and it may readily be seen that in this 
case, treatment by the methods given in equations 18.15 to 18.19 gives 


B = 8n2IE/h? 
and since B = /({1 +1) where / is an integer we have in place of equation 
18.146 
E= FF + 1)h?/802l .... (18.147) 


It may readily be shown that the moment of inertia is related to the 
interatomic distance. Since r = 7, +7., from 18.105 we have : 


‘ / 
M7, = Mofo and mir, =m (r—r,)  .... (18.148) 
or 
Mo 
Yr = fe og ge. eie © eevee 18.1 
1 m, + my ( 49) 
and 
m 
1 
YT. = F ——— ....(18.150) 
2 m, + my, 
and substitution in the expression for the moment of inertia gives, 
Mo 
T= myr,? + mary? = —1-2— 12 = mr? wo. (18.151) 
1° Mo m, + Ma (18.151) 


THE CLAUSIUS-MOSOTTI EQUATION 


Consider a plane condenser with two infinite plates located at a definite 
distance from each other. ‘The condenser is charged and the surface 
charge densities are + o and — o. We have to calculate the force acting 
on a unit charge situated at a point O in the space between the plates 
(Figure 79). Let us draw OA perpendicular to the plate and construct two 
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concentric circles with Aas centre and with radii s and s + ds (AB and AC). 
The area of the annular ring between the two circumferences is 27sds and 
as is seen from Figure 79, 


7 AB = s = OBsinf ».. (18.152) 
ds = BC, the angle CBD = 8 and the side BD is given by 
BD = OB sin dB oo ++ (18.153) 
In view of the small value of the angle dB, we may write 
BD = OBdB ».. (18.154) 
and 
BD OBdB 
The area of the annular ring is then given by : 
27 (OB)? sin Bd 
2rsds = oe eee (18.156) 


Its charge, therefore, is 
ia 27 (OB)? osinBdB 


cone .. +. (18.157) 
The force acting on the point charge O due to the charged ring will be 
‘cos . 
or = Qn sinBdB ws. «(18.15 8) 


In order to obtaix the field due to the whole of the charged plate, (18.158) 
must be integrated over the range 0 to 90°. This gives 270. The unit 
negative charge, however, 1s attracted 
to the positive plate and repelled to 
an equal extent by the negative plate. 
The total force acting on the point 
charge will therefore be 47o. 
aN If we now fill the space between the 
oe, plates with a dielectric, e.g. benzene, 
of the molecules will be polarized, the 


oe positive nuclei being displaced in the 


- + - + - + - + 
- + - + - + -— + 
-@9 
— + - + - + _ + 
- + - + ania 2 - + 


Figure 79. Forces acting onunit charge ata point Figure 80. Representation of induced dipoles in 
O between plates of a plane condenser dielectric of a plane condenser 


direction of the negative plate and the negatively charged electrons dis- 
placed towards the positive plate (Figure 60). The induced dipole moment 
will be de, where d is the displacement and e the charge. If the dielectric 
consisted of a substance with a permanent dipole moment, the molecules 
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would be oriented in the field duc to the charged plates. It is thus possible 
to regard the space between the plates as filled with dipolar molecules 
arranged end to end as is depicted schematically in Figure 80. It is clear 
that the force acting on the unit charge is now not the same as in the 
absence of the dielectric. All the dipoles within the dielectric will be 
compensated, but there will exist a layer of negative charges close to the 
positive plate, and a layer of positive charges adjacent to the negative 
plate. These layers of charges may be regarded as a second inner con- 
denser and if the surface charge density is J, since the field due to the 
inner condenser will act in the opposite direction to that due to the outer, 
the resultant force acting on the point charge is not 470 but 470 — 4m. 
We then write 
4a a 


a gee] ope ee .... (18.159) 


where « is the dielectric constant. 

It will be clear that J is dependent both on the number of dipoles and 
on the magnitude of the moment, whether induced or induced and 
permanent, thus 

I= nm ....(18.160) 
where n is the number of molecules per cc and m is the dipole moment in 
the direction of the field. 


— =, SF eS. See 

a2 22 es) 

aS. see so 

- + = + - + - + 

mee eee Fos CS ee 
+]- + f- 
Figure 81. Representation of unit charge within Figure 82. Forces acting on unit charge 
dielectric medium of condenser within plane condenser filled with a dielectric 


We now wish to determine the effective field acting on a molecule 
situated in the dielectric. ‘To do this, a spherical cavity 1s constructed 
around a point charge (Figure 81). The force acting on the charge may be 
divided into three parts: that due to the charge on the condenser, 47 ; 
the force F, determined by the polarization of the molecules surrounding 
the cavity ; and the force F, due to the molecules within the cavity. Thus 


F=470+h,+F, .... (18.161) 


In order to evaluate F,, we shall consider a ring ABCD (Figure 8a) 
of surface area : 


2a(BK)(AB) = 2m (rsinB)(rdB) = 2mr*sinBdB  .... (18.162) 


where r is the radius of the sphere. The surface charge density of the 
sphere is J cos B since the charge J of an area s, perpendicular to OL when 
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transferred to the sphere will occupy an area s/cos 8. Thus the total 
charge on the ring will be : 


I’ = 2nlr* sinB cosBdB .... (18.163) 
At the centre of the sphere, the field acting on the point charge will be, 
I' cos B/r? = 2nIsinB cos? BdB .... (18.164) 


On integrating equation 18.164 from 0° to 180° we obtain 47//3 which 
represents the charge on the sphere. The direction of this field, as is clear 
from /‘igure 82 1s the same as that of the outer, ?.e. original field, hence 
Fy, = — 4nl 4+ 41/3 = — 871/83 .... (18.165) 

The calculation of F, produced by the molecules within the cavity 
presents the greatest difficulty since it is necessary to know the arrangement 
of the molecules within the cavity ; Lorentz? has shown, however, that 
when the dielectric possesses a sodium chloride type lattice, or when the 
molecular distribution is completely random, F, = 0. 

Thus the total force, F, acting on the point charge is : 


F = 420 — 8rl/3 = 4070 — 8rnm/3 .... (18.166) 

The moment of the molecule in the direction of the field, is to a first 
approximation, proportional to the field, 

m= ak .... (18.167) 

where a is the polarizability. Substituting equation 18.167 in 18.166 


we have 
I = 420 — 8rnaF/3 .... (18.168) 


Thus we obtain the following expression for the dielectric constant : 
o 1/4a + 2na/3 


<~G—l Ij/4a — na/d ....(18.169) 
which may be rewritten in the form 
(e — l)/(e + 2) = 4nna/3 .... (18.170) 
If M is the molecular weight and d the density then 
n = Nd/M 
where JV is the Avagadro number and 
(e — 1)/(e + 2). M/d = 4nNa/3 ... (18.171) 


THE LANGEVIN-DEBYE EQUATION 


If a polar molecule of moment yp» forms an angle 8 with the field, the 
component moment in the direction of the field is cos B. This is the 
quantity which enters into the experimentally determined polarization. 
Each dipole will be oriented at an angle to the field and hence the sum of 
all component moments is 
y cos By -+ pcos By- ++ - + 1.008 By 

and in order to determine the average value, it is necessary to divide the 
sum of the component moments by the number of molecules. 

We shall first consider the probability of a free molecule, in the absence 
of an applied field, making an angle between B and £8 + dB with an 
arbitrary direction, if all directions are equally probable. Let us imagine 
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that the molecules are rearranged, without change of orientation, so that 
one end of each molecule is located at the point O (Figure 82). We shall 
draw a sphere with this point as centre and let OL be the given arbitrary 
direction. We mark out on the surface of the sphere a ring A B C D whose 
area will be 27r* sin BdB (equation 18.162). The probability of a molecule 
making an angle between B and 8 + df with OL, will be equal to the 
ratio of the surface of the ring to the surface of the sphere : 


dW = se = } sinBdB 2. (18.172) 


When the molecule is located in an applied field, the distribution will 
be determined by the Maxwell—Boltzmann law. Thus if the probability 
of a particular state in the absence of a field is a, then in the presence of a 
field the probability will be a exp (— V/kKT) where V is the potential energy 
of the molecule in the field, & is Boltzmann’s constant and T the absolute 
temperature. Thus the probability of a molecule forming an angle 8 with 
the direction of the field will be, 4 sin 8 [exp (—V/kT)]dB. We have now 
to obtain an expression for the potential energy of the dipole in the field. 
In order to do this we must calculate the work 
done in rotating the dipole from a position AB, (; 
perpendicular to the field, to a position CD 
where it forms an angle Bf with the direction 
of the field (Figure 83). If the end of the dipole | * 
has moved through the distance AC, the work | * 
done is 


Fe(CK) = Fe(OC) cos B 


Dy ecibe, Dien of potential 
where F is the applied ficld numerically equal nee oF dipole arg br si 


to the force acting on a unit charge, ¢ is the denser 

positive charge on the dipole and CK is the dis- 

placement in the field. The opposite end of the dipole moves through 
the distance BD and the work done 1s 


Fe(DL) = Fe(DO) cos B ....(18.174) 
The total work done is therefore 
Kecos B (DO + OC) = Fel cos B ».. (18.175) 
where / is the length of the dipole. 
Since 
el=p .... (18.176) 
the potential energy of the dipole in the field will be 
V = — Fycos B S2ee(TOsT77) 


As is evident, the potential energy is at a maximum when B = 0. Thus 
the probability of the dipole forming an angle between B and f + dB 
with the field is : 


dW = }sin (exp Hoos F) dp .... (18.178) 


In order to find the number of molecules forming an angle f with the 
field it is necessary to multiply dW by the total number of molecules, JY. 
Each of these molecules will possess a dipole moment » and a component 
moment in the direction of the field of ~ cos 8. The sum of all the com- 
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ponent moments is therefore NdlVycos 8. Integrating this expression 
through all possible angles from 0° to 180°, we obtain the sum of the 
component moments for all the molecules. Dividing this value by WV, we 
obtain the average value of the moment in the direction of the field : 


i 7 Fu cos B 
m = [dpsin Bcos 8 ( exp—— =) dp... (18.179) 
(xp Fe ge 8 


Fu cos B 


Under the experimental conditions is always considerably 


less than unity. For example, a dipole with » = 1D=1 X 1078 e.s.u 
situated in a field of 300 v/cm possesses a potential energy 4 xX 1074 times 


the thermal energy. Consequently in place of exp ( “ESSE ) we use 
the first two terms of the series 7.e. we assume 
Fu cos By _ 1 4 #ucos B 
exp (SS ) = a ....(18.180) 


We thus obtain 


Fu cos B tad O 


rt 
—- fp ¢ = 
m= 2 | sin B cos B(1 aay ae )ap SE ....(18.181) 


It is possible to integrate the expression 18.179 directly without putting 
it in the form ofa series. We then obtain 
Lge ces (a ee) eee L(a), where a = Pp 
#@  exp(a)—exp(—a) a kT 
At small values of a this reduces to the expression given in equation 18.18r. 
A more exact quantum-mechanical treatment of orientation polarization 
leads to the same expression if the temperature is not too low. At low 
temperatures, corrections have to be introduced. Generally, however, 
dipole moments are measured at temperatures where equation 18.181 may 
be used. 
The moment in the direction of the field is proportional to the strength 
of the field, 2.e. 


m= a,,F .... (18.182) 
and hence we obtain, 
eee cat 
Aor, = 3kT ....(18.183) 


DIPOLE MOMENTS OF BONDS 


Let us consider the origin of the electrical dipole moment of a single 
molecule. In a diatomic molecule containing a single covalent bond, 
each nucleus together with the nonvalency electron shells may be regarded 
as a point charge of + e, the electrical centre of gravity of two such charges 
will be located midway between them. The two negatively charged 
electrons, one to each atom may be conceived, on the basis of quantum 
mechanics, as an electron cloud which surrounds the nuclei. In the 
hydrogen atom the electron cloud of the 1s electron possesses spherical 
symmetry and its centre of gravity 1s located at the centre of the sphere 
which coincides with the nucleus. 
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If the electron be described by the function y, the average value of its 
coordinate, x, is given by the following expression : 


_ { bide 
[yar 


which will represent the mean value of the coordinate of the electron cloud 
in the state represented by the function %. This expression is obtained in 
the following way. It will be remembered that in classical mechanics, the 


{ ST (x)xdx 
average value of any dimension x is «= %———— where /f(x)dx is the 
| f (x)dx 
probability that x has a value between x and x -+ dx. Let us consider a 
particular example. If the distribution of velocity of gas molecule obeys 
Maxwell’s law, the probability that a molecule has a velocity between v and 
— mv? 


v + do equals A (exp OT ) v*dv, where A is a constant. If this expression 


.... (18.184) 


be integrated through all values of v we obtain : 
Af exp (— mv?/2kT )v2dv = 1 
or 


A= 1/f exp (— mv?/2kT)v7dv 


If the total number of molecules is WV, the number of molecules with a 
velocity between v and v + duis: 


NA exp (— mv?/2kT udu 
The sum of the velocities of these molecules is 
NvA exp (— mv?/2kT) udu 
The sum of the velocities of all the molecules is therefore 
i) NvA exp (— mv?/2kT udu 
and the mean velocity 
v= { vA exp (— mv?/2kT )uv2dv 
Substituting for A we obtain : 
{ v exp (— mv2/2kT)u*du { uf (v) dv 
U = "SS eee | 
{ exp (— mv?/2kT )v*dv [fee 


where f(z) is the probability that the value of the velocity lies between 
v and ov + dv. In quantum mechanics where the probability is given by 
2dr or more exactly by p*ydr we have the analogous formula 


[taper 
[btddr 
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Following equation 18.184, for several electrons the average value of the 
coordinate will be 


[¥Sx,ar 
=x, = —+—_—_ .. (18.185) 
{year 
where t = 1, 2, 3 -s.e0. n and nis the number of electrons. 


In a diatomic molecule the electronic centre of gravity will be found 
on the line of centres which may be taken as the x axis. If the origin 
of the system of coordinates is located at the centre of gravity of the 


positive charges, the distance 2x, determined by equation 18.185, will 


give the average distance between the electrical centres of gravity. The 
dipole moment will therefore be 


e| Wox.dbdr 
th Esbee .. (18.186) 
[pede 
In the case of two electrons the above expression becomes 
ef W(x, + %2) par 
= .. (18.187) 


| W2dr 


If the bond in the molecule is entirely covalent then its moment may be 
obtained by substituting into this expression, equation 3.95, for the homo- 
polar bond : 


; ef (Yel) os(2) + oo be2)" ter ag vag) 
hom. ot OS2 


which on rearrangement becomes 


ef be2L)du2(2) (xy + xadde se fds) 212) (1 + addr 


Hhom. = ai es) yarns een) 
1 2PM AW Fa 18.180) 
— fy sine - 


From this expression it is clear that the moment of the homopolar bond 
consists of the moments of the structures w,°(1)%,2(2) and w,2(1)%,2(2) 
corresponding to the location of the electrons on atoms a and 4, and the 
moment of the transitional structure %,(1)W5(2)W.(2)y5(1) : 


e | a2 (1) bsP(2)(4y + olde 4 + B) 


2 a Te 
. . (18.190) 
ef be2(1)ee2(2)(x) + xldr (BA) 
a  \ a cL 
.. (18.191) 
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Qe { Wo(1)Yo(L)Yu(2)¥u(2)(x1 + 2)dr aes 
Mpa. = Boge BSP 


. (18.192) 


A= [ptxdr B= [yj2xdr T= [paperdr .... (18.193) 


Let us place the origin of the system of coordinates midway bctween 


the atoms, then 
A a= 7) 2 ....(18.194) 
B= — 1/2 ....(18.195) 


where r is the interatomic distance. It is then clear that py = py = 0 
and for bonds between identical atoms the integral T and hence paom. 
become zero and the molecule, as is to be expected, is nonpolar. 

In the case of covalent bonds formed between different atoms, the 
electron cloud due to the transitional structure is almost certain to be 
asymmetric. Although we have considered the motion of a pair of electrons 
in the field of two identical positive charges, it is nevertheless necessary 
to take into consideration the fact that the wave functions of the electrons 
taking part in bond formation may be different (for example, one may be 
an s electron and the other a # electron as in HF). Consequently it is 
not clear a priort whether or not the transitional structure possesses a 
moment. The calculation has been made for the bond in hydrogen 
fluoride, where the asymmetry of the electron cloud might be considered 
to be significant owing to the considerable difference in the electronega- 
tivity of the hydrogen and fluorine atoms. It is found* that the moment 
is less than o-1 D and we may therefore conclude that the moment of a 
homopolar bond is in general negligible. 

The ionic state of the bond is described by the function ¥,(1)#%,(2), we 
then obtain, 


where 


B= ef .2(1) Po?(2) (x, + x,)dr =2eA=er  ....(18.196) 


in accordance with the usual expression. 

In bonds between different atoms the dipole moment may have inter- 
mediate values owing to the superposition of covalent and ionic states. 
In such cases the bond is described by the function 


b= cy{Po(1) Yo(2) + o(1) Po(2)} + cohol) Po(2) 


. (18.197) 
Substituting this expression into equation 18.187 we obtain, 
ese fr l2(A +B) +4TS] ica Be At Areal S+T) eee Aine 4-2¢,¢,T'S) 
6,2(2 4252) +¢,2-+-4¢,c,8 ¢,2(2 +282) eg Veer N) 
. (18.198) 


The bond moment is thus composed of the moment of dhe Sioniopolat 
structure 
24 +2B+4+4TS 
hom, = € yy x 0 ....(18.199) 


where N is the normalization constant. 


477 


THE STRUCTURE OF MOLECULES 


The moment of the ionic structure will be: 
uw; =e. 2A/N = er/N with coefficient c,? ....(18.200) 
and the moment of the transitional structure is, 


_ 2AS+T. ~ 2AS _ erS_. 
Hp Se ee Ea with coefficient 2c,c, 


....(18.201) 


Equation 18.198 may be used to calculate ¢, and ¢c, and by this means 
the weights of the different valence bond structures may be determined. 


DEFORMATION, ORIENTATION AND DISPERSION EFFECTS 


Let us now calculate the field due to a dipole. The potential due to the 
dipole AD at the point O (Figure 04) will be e/r, — e/rg = e(7, — 14) /ry72 
o where r,; and rg are the distances of 

the point O from the positive and nega- 

tive ends of the dipole. If O is a 


we sufficiently large distance from AD, we 
Lop may substitute 7? for r,r,, where r is 
ah the distance from O to the centre of 
oe the dipole and it will be possible to 


Li ye regard the angles OAD and OCD as 
i equal. 
ax ra ar From the figure, we see that 
a4 ro —7, = AB=Icos¢ 
BOE es ae .... (18.202) 
c 


where / is the length of the dipole and 


¢ is the angle OAD. Thus the potential 


Figure 84. Field due to a dipol lg 
Bure OF peng energy V is given by : 


V = (el cos d)/r? = (p cos ¢)/r* ....(18.203) 
The field component in the direction of 7, will be 
— Wer = (2u cos d)/r3 ..:.(18.204) 
and in the direction perpendicuiar to this, 
— W/red = (p sin ¢)/r§ .... (18.205) 


From equations 18.204 and 18.205 we obtain the following expression for 
the resulting field 


_ J 2ucosdy\? spsind,? }? one : 
ro (eet eae afc an 
essike 2 { : 
=—3 43 cos’é + 1 .... (18.206) 
The mean value of cos ¢ is equal to 1/3 since the probability that an angle 


lies between ¢ and ¢ + d¢ is }sinddd; the average value of cos?¢ is 
therefore 


fy cos*d sin ddd = 1/3 
0 
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Consequently the mean value ot F becomes : 
Fe py/2/r3 .... (18.207) 
We shall now obtain an expression for the deformation interaction of 


two molecules. The action of the field F, of the first molecule is to induce 
into the second molecule a moment given by, 


fis 41k agk 5 ....(18.208) 


where x is the displacement and a, is the polarizability of the second 
molecule. 
The force acting on the charge ¢ is Fye. On the displacement of this 
z 


charge through a distance x by the field, the work done is |F yedx and since 


0 
from equation 18.208 we have : 
consequently 
- Agee fixe .F.? j 
[Pyede = fo dx = _— ae eS .... (18.209) 
t a 2a 2 
0 o ° - 


The potential energy of the induced dipole of the second molecule in the 
field due to the first molecule is — Fm, cos B (see equation 18.177) which 
in the present instance will be — F,m,. Thus combining with equation 
18.208, 

Fim, = — F,e.F, = — a,F,* .... (18.210) 


Consequently from equations 18.209 and 18.210 the total potential energy 
of the induced dipole in the field of the first molecule is 


— af? + a,F,7/2 = — af, */2 »...(18.211) 


If the second molecule has a dipole moment of p, and the polarizability 
of the first molecule is a,, a moment is induced into the first molecule 
equal to m, = a,F, and the potential energy of the first molecule in the 
field of the second is — a,F.*/2. The total energy of the two molecules 
is therefore 


— af 7/2 — a, F,7/2 ~aae (18.272) 
For two identical molecules, 
a and Bes 
so that 
E = — aF* dient (hO.213) 
and substituting for F from equation 18.207 we have 
Eug, = — 2p?a/r° ....(18.214) 


The equation 18.214 expresses the deformation energy of interaction of 
two dipoles and forces of this type do not depend to a first approximation 
on the temperature. For the calculation of the energy of orientation 
interaction it is possible to proceed in the same manner as in the deduction 
of the Debye equation (see above) but it is also possible to proceed directly 
from equation 18.214. 

If a molecule possesses a permanent dipole moment yp, it is equivalent 
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to the existence of an effective polarization of u?/3kT (equation 18.183) 
and substitution into equation 18.214 leads to 


Eu, = — 2y4/3rSkT »... (18.215) 


This expression will only be valid at high temperatures, since in the 
deduction of the Debye equation we restricted ourselves to the case when 
V<kT. At low temperatures it may be shown that the interaction 
energy is given by 

Bo ey = HP ....(18.216) 
For the calculation of the dispersion effect we shall consider the inter- 
action of two dipolar hnear oscillators. Let each of these consist of a 


positive and negative charge. The frequency of oscillation ») of each 
oscillator is related to the force constant k by the equation 


(v%) = 1/22) Vk/m »... (18.104) 
The force due to the field F on the charge will be 
eF = kx .... (18.217) 
where x 1s the displacement. From equation 18.208 it follows that 
a = ex/F ... (18.218) 
which with equation 18.217 gives 
a = er/k .... (18.219) 
and hence _— 
see PO 
ea jens .... (18.220) 


The potential energy of the first oscillator is 


Vis kx 7/2 .... (18.221) 
and the kinetic energy is 
T == mv,?7/2 = p,?/2m »... (18.222) 
where pf, = mu, 1s the momentum. 
The total energy of the first oscillator is therefore 


Ey = py2/2m + kx 2/2 ....(18.223) 
and similarly for the second oscillator 
Eg = fpo?/2m + kx,7/2 .... (18.224) 


Let us now consider the interaction of linear oscillators separated from 
each other by a distance r. From Coulomb’s law there is an electrostatic 
energy (Figure 85) : 


af 


= ieee st 


Figure 85. Interaction of linear oscillators 


Uae 1 i I +h. te 
r 


r+ Xo — x, r+ Xo r—x, 


... (18.225) 


The first member of the series gives the interaction of the dipoles, the 
second of dipole with quadrupole, the third quadrupole with quadrupole etc. 
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We shall only consider here the dipole-dipole interaction. The total energy 
will thus = 
= (py? + fa?)/2m + K(x? + x97)/2 — 2e%x,x,/r° 
. (18.226) 
In order to solve this equation we shall introduce new sebedinates u, and 
u», such that = 7 
= (x, + %,)/V2 and uz = (x, — x,)/V2 
.... (18.227) 
then = 
x, = (uy +4,)/V2 and X_ = (uy — uy)/V2 
.... (18.228) 
Substituting the new coordinates in place of x; and x, we obtain in place 
of equation 18.226 : 


E= Ee p;? +4(& — *5)«2] + [pr po? +4(k + 25)x 2°] 


. . (18.229) 
This expression corresponds to the energy of two oscillators with fr equencies : 
] ] 2e2 
n=nlt(t—"s) ....(18.230) 
] 1 2e2 ; 
nase fa (k +78) .... (18,231) 
or from equation oe 
k Qe? 2e? 
n= 5 oe ee .... (18.232) 


Der 
"2 = 957 L /2042) ia) =m f+ 75 .... (18.233) 


The physical meaning of this hai is that if before interaction both 
oscillators vibrate with a frequency », owing to the interaction the 
oscillators now vibrate with different frequencies, one greater and the 
other less than the original. 

If the zero point neta were originally given by 


= hy 9/2 + hvo/2 = hry (18. 234) 
now In accordance with ae ie 18.232 and 18.233 it will be. given by : 
, Ary 2e2\t | hy e*\ t 
Bas (t— Fe) + (bt ga) (08.235) 
From the series formulae : 
(1 — a)* = 1 — af2 — a?/8 — 3/16 — ...... .... (18.236) 
and 
(1 + a)* = 1 + a/2 — a?/8 + 3/16 — ...... «+. (18.237) 
we obtain from equation 18.235 
U ef 
E’ = hy (1 — sams) -.. (18.238) 


Thus owing to the interaction, the potential energy has decreased and the 
system is more stable. On combining equation 18.238 with 18.219 the 
energy of attraction will be given by 


AE = hya?/2r* .... (18.239) 
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If the oscillators are not linear, the oscillations must be considered in 
terms of the component along the x, y and z axes and equation 18.225 
becomes : 


u = e?(x x. +913 — 22,25)/13 .... (18.240) 
E = — 3a*hv,/4r6 .... (18.241) 
SLATER and Kirkwoop obtained an expression for the dispersion 


energy in terms of the polarizability and the number of electrons in the 
outer shell WV :- 


and 


Per Oe ee .... (18.242) 


This expression may be obtained by inserting the value of ») from equation 
18.220 in 18.241. 


ENERGY STATES OF AN ELECTRON GAS 


We wish to calculate the energy of an electron gas in a cubic box of 
side L when over the whole space of the box the potential is zero whilst 
at the surface of the box it becomes infinite, remaining so everywhere 
outside the box. 
Let us consider first the simplest case of an electron moving in one 

dimension, along the x axis. The Schrédinger equation is : 

d? 822m 

o5 +o Ey =0 .... (18.243) 


and its solution is given by 

wb = sin (822mE/h?)} . x .... (18.244) 
In the particular case under consideration, it is necessary to impose certain 
conditions on the wave function w since the electron is enclosed in the box 
and may not pass outside it. The wave function must therefore become 
zero at the surface of the box, and such functions must therefore have an 
integral number of nodes in the length L. Hence, 


(Sr2mE/h2)* = no/L .... (18.245) 
where n = I, 2, 3,..- 
Then ee 
b= V3/L . sin (nax/L) .... (18.246) 
where 1/2/L is the normalization coefficient, 
and 
E = n*h?/8mL? .... (18.247) 


For the general case of three dimensions, the Schrédinger equation has the 
2 
a7 dub ee 822m E 


form : f 
92 
——, —_—— I — oeocee o 
ax2 a. oy? = i dz? ' h2 al 0 (18 248) 


with the boundary conditions that ¥ = 0 when x = 0,x = L,y = 0,7 = JL, 
z=0, z=L. 
The solution of the equation ts 


= —.. sin——!—, sin Mey | sin Teak .. (18.249) 


where n,, 7, and ng are quantum: numbers. 
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The energy may have the values 

E = (n,? + ng? + n,?) h2/8mL? ....(18.250) 
or since L$ = V 

E = (nj? + n,? + ng?) h?/8mV?/8 »... (18.251) 
In each state corresponding to a particular set of values for the three 
quantum numbers, a maximum of two electrons may be accommodated 
according to the Pauli principle. Since there are three quantum numbers 
it is possible to have different states with the same energy value, 1.e. the 
states are degenerate. Thus n,? + n,* + n,? = 6 when 


n, =2 Ny = 1 n,=1 
ny =1 Ny == 2 ng = 1 
ny = 1 no = 1 Ny = 2 


The various energy levels for the electron in a box are given in Figure 86; 
along the ordinate the values of (n,* + n,? + n,”) are shown and p gives the 
degeneracy. We now wish to calculate the maximum energy that any 
electron may have 1.e. the energy of the highest occupied state and the total 
energy of all the electrons. Let us consider a lattice in which the distance 
between the points is unity (Figure 87); all the lattice points will thus have 
whole number coordinates. If the coordinates are n,, n. and ng, the energy 
of the state is 


2 
E= sme + n,* + nz") 
All states of equal energy E will lie on a sphere of radius 
(n,? + nq? + n3?)* = (8mL2E/h?)* .... (18.252) 
b=3 (332, 323, 233) 
p=6 421, 142, 214, 412, 241, 124) 
b= 3 (331, 313, 133) 
b=3 (401, 141, 114) 
P=3 (332, 323, 233) 
“. P=6 (321, 132, 213, 312, 231, 123) 
& 
= p=1 = (222) 
“e P= 3 (311, 131, 113) 
a5 p=3 (221, 212, 122) 
= pP=3 (211, 121, 112) 
Figure 87. Lattice for calculation 
3p—— pS (111) of energy levels 


Figure 86. Energy levels of an electron in a box 


We shall now find the number of states with an energy less than a certain 
value E and which will all lie within the sphere of radius given by equation 
18.252. As the distance between adjacent points is unity and the number 
of points within a sphere is equal to its volume, the density of the points 
will be unity. We are, however, not interested in all the points but only 
those for which all three quantum numbers n,, n, and ng are positive, 
since only such points express the quantum states. It is evident that all 
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such points will lie in an octant and that the number of such points will 
be 1/8 of the volume of the sphere of radius (8mL?E/h?)*. Hence we find 
that the number of quantum states with energies less than E is : 


14 8mL*E \ 3 8mL*E\ 3 
and since 
LV 
we may rewrite this as 
_ wV (8mE\3 : 
a ~ 6. 7 | ... (18.254) 


If Emax Tepresents the maximum possible energy of the electron z.e. the 
energy of the highest of the occupied states, the number of states with 
energy less than E,,,, is given by : 


mV (8mEmax \ 2 
5 (a) 
We wish to obtain the minimum value of the energy of NV electrons, 1.e. 
the state when V/2 lowest levels are occupied by pairs of electrons ; by 


doing this we can then compare the number of occupied states W/2 with 
the number of states with energy less than E,,,,, 


NN xzV(8mE,.x\3 
25 (a) — 
and hence 
Foe (oh \) 
"= gn (a7) + (08.256) 


It is therefore evident that £,,,, depends only on the number of electrons 
in unit volume z.e. V/V. The number of states from E to E + dE may 
be obtained by differentiating 18.254 with respect to E. We obtain : 


mV (8m\3 __ 
7(F) VE. dE (18.257) 


Since in each state there may be accommodated two electrons, the number 
of electrons in these states is 


V (8m\2 
2. T (a) VE .dE .... (18.258) 


The total energy of all the NM electrons may therefore be obtained by 
multiplying 18.258 by £ and integrating from 0 to Eqs : 


nV (8 
7 m\ 3 = 3 
E=|-y-|g2) EVE. dE =ZNEmax -- (18.259) 

2 \A 5 

0 
and hence the total energy of an electronic cloud in its ground state is 
BNA? (3N\ 3 
b= don (=P) .... (18.260) 
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Ionization potential, molecules 

Iron 27, 344, 346 

— acetylacetonate 99! 

— electronic structure 356 

Isobutane 179 

— heat of formation 243 

Isobutylene 213, 244 

Isoelectronic molecules 137 

Isomeric change, change in heat content 
243 

ioe tan: heat of formation 243 

Isoprene, resonance energy 245 

Isoquinoline, dipole moment 229 

Isotopic molecules 157 
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KEKULE structures of benzene 82 
Kerr effect 195 
Ketene 179 
Keto-enol tautomerism 
Krypton 27 

— heat of vaporization 262 


178, 253, 254, 284 


LAGUERRE functions 458 
Landé splitting factor 352, 354 
Langevin-Debye equation 472 
Lanthanons 27, 30 
Lanthanum 27 

Lattice energy 316, 317, 319 
— — hydroxides 325 
——oxides 332 

— — silver and copper halides 
— — thallium halides 328 
Lead, crystal structure 302 

— monoxide 332 

Legendre functions 456 
Linear combination of atomic orbitals 129 
Lithium 20 

— borohydride 406 

— electron affinity 40 

— molecule, molecular orbitals 134 

— valency states 108 

Localized bonds 68, 72 

— molecular orbitals 139 

— pairs, method of 71 

Lorentz-Lorenz equation 105 


325 


MADELUNG’s constant 316 
Magnesium, electron density map 303 


Magnetic critcrion of bond type 349 
— moment, lanthanon sulphates 353 
— — salts of transition elements 354 


— quantum number 10 
— susceptibility 349 
Maleic acid 291 
Manganese 27, 344, 346 
— crystal structure 302 
Markovnikov rule 212 
Mendeléeff periodic table 30 
Mercury 346 

— crystal] structure 302 
— electron affinity 40 
Mesitylaldehyde 173 
Mesitylene 181, 227 
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Metal hydroxides, crystal structure 333 

Metaldehyde 179 

Metals, electrical properties 303 

— interatomic distances in 4 

— structure jo! 

Metallic carbonyls 358 

Methane 211 

— crystal lattice 310 

9-Methoxy-10-phenanthroxy radical 97 

Methylacetylene 212, 213, 245 

Methyl alcohol, atom polarization 196 

1-Methylbutadiene, resonance structures 
214 

— resonance energy 245 

2-Methylbutadiene 214 

Methyl! cyanide 183, 220 


4-Methylglyoxaline, dipole moment 278 
2-Methyl hexane, heat of formation 243 
3-Methyl hexane, heat of formation 243 
Methyl isocyanide 183, 184 
— — resonance energy 253 
2-Methyl nonane, heat of formation 243 


5-Methyl nonane, heat of formation 243 
Methyl radical, formation 97 

Mica 338 

Molecular beam 197 

— compounds 269 

— — heat of formation 269 

— crystals 308 

— -— heat of sublimation 308, 309 
—ions 155 

— lattice 103 

— orbital treatment 129 

— — — comparison with electron 129 
— pair method 141 

Molecular orbitals diatomic inolecules 129 
— — homonuclear molecules 133 

— — localized 139 

— — Mullikan’s notation 133 

— —non-localized 140 

— — polyatomic molecules 139 
Molecular refraction 194 

— — additivity 200 

— — exaltation 202-204 

— resonance 120 

— spectra 143 

Morse equation 149 

Mullikan’s notation of molecular orbitals 


133 
Multiplet splitting 30 
Mutual suppression of ionic structures 216 


NAPHTHACENE, resonance structures 92 

Naphthalene 179 

— bond inequality 87 

— canonical structures 87, 88 

— hydrogenation 86, go 

— resonance energy 246 

— substitution in 87 

8-Naphthylamine, dipole moment 

— heat of neutralization 249 

a-Naphthylamine, heat of neutralization 
249 

Neon 22 

Neptunium 31 
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Neutralization, heat of 249 

Nickel 27, 344, 346 

o-Nitraniline, heat of neutralization 249 

p-Nitraniline, dipole moment 278 

— heat of neutralization 249 

— resonance structures of 248 

Nitrate ion, structure of 116, 189, 259 

Nitric acid, anhydrous 188 

Raman spectra 188 

— — structure of 259 

Nitric oxide 353 

— — molecular orbitals 138 

Nitrides, dissociation energy 155 

— internuclear distances 155 

— vibrational frequency 155 

Nitriles 177 

4-Nitro-4’-aminodiphenyl 227 

Nitro compounds 366 

Nitro group 116 

Nitrobenzene, atom polarization 196 

— dipole moment 278 

— resonance structures 121, 128, 220 

m-Nitrobenzonitrile, dipole moment 226 

o-Nitrobenzonitrile, dipole moment 226 

p-Nitrobenzonitrile, dipole moment 226 

p-Nitrochlorobenzene, dipole |= momeit 
223, 226 

m-Nitrodiphenyl, dipole moment 222 

p-Nitrodiphenyl, dipole moment 222 

Nitrogen 22, 252, 301, 343 

— heat of vaporization 262 

— trifluoride 210 

— valency states of 114 

Nitromethane, dipole moment 220 

1-Nitro-2-naphthylamine 229 

2-Nitro-1-naphthylamine 229 

3-Nitro-1-naphthylamine 229 

4-Nitro-2-naphthylamine 229 

4-Nitro-1-naphthylamine 229 

5-Nitro-1-naphthylamine 229 

m-Nitrophenol 282 

o-Nitrophenol 282, 283 

f-Nitrophenol 282 

2-Nitroresorcinol 282 

Nitrosyl compounds 366 

N-methylacridone 233 

N-methylketopeperidene 233 

Nonacosane 179 

n-Nonane 200 

Non-localized molecular orbitals 140 

Non-orthogonal integral 53 

Normalization 9 


OCTAHEDRAL holes 305 
n-Octane 200 

— heat of formation 243 
Operators 48 

Orbital, angular momentum 131 
— antibonding 130, 132, 135 
— bonding 1930, 132, 135 
p-Orbitals, directional character 
Orbitals, hybrid 74, 75, 347 

— overlap 72 

s-Orbitals, spherical symmetry 72, 74 
Orientation energy 478 


72; 74 
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Orientation polarization 
Ortho effect 226 

— hydrogen 158 
Orthosilicates 336 
Overlap of bonding orbitals 72 
Oxanthrene, structure 235 

Oxides 154 

— crystal structure 329 

— dissociation energy 153 

— internuclear distance 153 

— of nitrogen, heat of formation 258 
— vibrational frequency 153 
Oxyacids, crystal structure 329 
o-Oxybenzopheno! 285 

Oxygen 22, 24, 200, 301, 343, 353 
— coordination number 330 

— dissociation energy 156 

— electron affinity 40, 156 

— heat of vaporization 262 

— molecule, molecular orbitals of 135 
— valency states 110 

a-Oxypyridine 233 

— dipole moment 278 

Ozone 210 

Ozonolysis of benzene 83 
——o-xylene 84 


193, 194 


PALLADIUM 27 

— oxide, crystal lattice 332 

Parahydrogen 158 

— percentage in hydrogen 161 

Paraldehyde 178 

Paramagnetism 349 

Paramagnetic susceptibility 350 

Partial valency 85 

Pauli exclusion principle 
131, 159, 304, 408 

Pauling’s method of islands 437 

n-Pentane 179, 200 

Pentane, heat of formation 243 

1-Pentene 239 

Periodic classification of the elements 16 

—law 16 

— table 30 

— — expanded form 31, 34, 35 

— — Mendeléeff form 32, 33 

Periodicity of properties of elements 36 

Peroxides 201 

Perturbation 47 

Perylene, resonance energy 246 

Phenanthraquinone, resonance 
230 

Phenanthrene, hydrogenation 93 

— resonance energy 246 

— resonance structures 93 

Phenol 254 

— resonance structures 

Phenyl iodochloride 221 

Phosgene 187 

— carbonyl group frequency 171 

Phosphorus, crystal structure 300 

— valency states 124 

Photoelectric effect 3 

Phthalocyanine, structure 185 


17, 18, 31, 61, 


structures 


121, 221 
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a-Picoline, atom polarization 196 
— resonance energy 247 
f8-Picoline, atom polarization 196 
— resonance energy 247 

Planck’s constant 1 

Plutonium 31 
Polarity of bonds 
Poianzability 167 
— atoms 197 
—ions 198 
Polarization 
—a.om 196 
— dielectric 193 

—electron 193, 194, 195 

— induced 263 

— orientation 193, 194 

Polyelectron prob'em 434 

Potassium 27 

Potential energy curve 146 

— — —diatomic molecule 146, 147 
— —-— harmonic oscillator 146 

— — — hydrogen molecule 148 

— — surface’ 432 

Primary solid solutions 305 
Principal quantum number 
Principle of superposition 5 
Propagation of light, theory of 3 
Propane 179 

Propargyl chloride 187 

Proton affinity of ammonia 326 
Protonated double bond 396, 399 
Propylene 212 
Pyrazine 179 

Pyrazole, dipole rnoment 
Pyridine 179 

— atom polarization 196 
— dipole moment 229 
— resonance energy 247 
Pyrites 340 

Pyroxenes 337 

Pyrrole 179 


— dipole moment 278 


210 


193, 194, 197, 246 


2, 10 


278 


QUADRUPOLE 263 

— interaction 264, 266 

Quantum number 2, 10, 18 

Quenching of orbital magnetic moment 
354, 355 

Quinoline, dipole moment 

— resonance energy 247 


Quinone 179 
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RAMAN EFFECT 163 

—- — applications of 178 

— spectra 188 

— frequencies of acetoacetic ester 178 
——— C=C, C=C and C=O bonds 


176 

———nitriles 177 

Rare earths 27 

Ratio of valency electrons to atoms in 
alloys 306 


Rayleigh scattering 164, 165 
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Refraction, atomic 201 

— bond 201 

— bonds involving hydrogen 199 

— — — oxygen 200 

— inert gases 199 

— inorganic molecules 197 

— molecular 194, 199, 200, 202, 203, 204 

— — organic molecules 200 

— — peroxides 201 

Relative strength of bonding and _ anti- 
bonding orbitals 135 

Relaxation time 194 

Resonance energy 83, 245-247, 252, 253, 
434, 440, 445, 446 

— benzene derivatives 247 


— calculation 

—— comparison of calculated values 449, 
450° 

— covalent and ionic structures 100, 
105-107 


— heterocyclic compounds 247 

— nitrogen compounds 252 

— molecular 120 

— of valency structures 81 

Rheniun 31 

Rhodium 27 

Rhombic sulphur 300 

Rotational energy 144, 145 

—-— hydrogen 162 

— —orthohydrogen 160 

— — parahydrogen 160 

Rotational spectra 145 

— states 460 

Rubidium 27 

Rumer’s theory 436 

Russell-Saunders coupling 352 

Rutherford-Bohr theory of atomic structure 
1 

Rutile lattice 313 


Rydberg constant 2,9 


SALICYLALDEHYDE 285 

Salicylic acid 283 

Salt hydrates 383 

— — hydrogen bond in 387 
—-— stability 388 

Samarium 354 

Scandium 344, 346 

— electronic structure 26 
Schrédinger wave equation 6, 7, 46 
— — for hydrogen 7,9 

— — solution for H atom 452 
Screening constant 321 
Selanthrene, structure 235 
Selenium 39 

— crystal structure 300 
Semipolar bond 113 
Senarmonite, crystal structure 331 
Silica, crystal structure 314 
Silicates 334 

Sillimanite 338 

Silver 27 

— electron affinity 40 

— fluoride, crystal structure 324 
— iodide, crystal structure 325 
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Slater’s method for three electrons 409 
Sodium 27 
— bromide, interionic distance 190 


— chloride, electron density map 315 

— — interionic distance 190 

—— lattice 312 

— iodide, interionic distance 190 

Solid solutions, factors governing formation 
305 

Spectra, diatomic molecules 143 

—electronic 145 

— molecular 143 

— Raman _ 188 

— rotational 145 

— vibrational-rotational 

Spherical coordinates 12 

Spin of electron 17 

— quantum number 18 

— wave function 61 

s-States 10 

p-States 10 

d-States 10 

f-States 10 

Sulbene 179, 181 

— resonance energy 

Stokes lines 164 

Strontium 27, 38 

Styrene, resonance energy 246 

Subhalides of alkaline earth metals 328 

Pup once compounds, dissociation cnergy 
261 

Sublimation, heat of 262, 264, 302, 303, 
308, 309 

Sulphamide, polymerization of 

—structure 126 

Sulphides, crystal structure 339 

Sulphite ion, structure 123 

Sulphur dioxide, structure 123 

— electron affinity 40 

— hexafluoride 124 

— trioxide, structure 

— valency states 122 

Symmetric wave function 62, 159 

Synthesis of new elements 31 


145, 163 


246 


126 
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Tatcum 338 
Tautomerism 82 
— keto-enol 178, 253, 254, 284 


Tetrachloro-p-quinone 196 


Tetrahedral holes 305 
— lattice 295 
Tetrahydrofuran 179 


Tetralin 86, 204 


Tetramethylammonium iodide 114 
Tetramethylbenzene 179 
Tetramethylethylene 181 
Tetramethylmethane, heat of formation 


243 
Tetraphenylhydrazine, dissociation of 97 
Thallhum 38, 328 
— crystal] structure 302 
Thianthrene 235 
Thiele’s theory of partial valency 85 
Thioethers, resonance structures 122 
Thiophene 179 
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Three electron bond 

—-—problem 408 

— — system, spin states 411 

Tin, crystal structure 301 

— monoxide, crystal structure 

Titanium 344, 346 

Toluene 212 

— atom polarization 196 

— resonance energy 246 

p-Toluidine, heat of neutralization 249 

Transition elements 31 

— — magnetic moment of salts 354 

Transitional electron cloud 106, 107 

— structure 55 

Transuranium elements 31 

Triacetylacetone derivatives 391 

Trialky] phosphines, oxidation 125 

Triboranetriamine 404 

Trichlorbenzene 350 

Trimethylamine 189 

— oxide, dipole moment 278 

2,2,4-Trimethyl pentane, heat of formation 
243 

1,3,5-Trinitrobenzene 196 

Tripheny] methane, dipole moment 

— resonance energy 246 

Triphenylmethyl 95 

Trouton’s rule 237 


138, 258 
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UNCERTAINTY principle 8 
n-Undecane 200 

Ungerade molecular orbitals 130 
United atom viewpoint 131 
Uranium 31 

Urea 182 

— carbonyl group frequency 171 
— crystal structure 311 


— molecular and bond resonance’ 120 


VALENCE bond structures, weights of 205 

Valence states of second period elements 
121 

Valency angles 224 

— —distortion of 396 

— —from electron diffraction measurements 
183 

— — in carbon compounds 

— definition of 108 

— oscillation 163 

— range of values 361 

— states of atoms involving d_ electrons 


75, 78 


343, 345 
— structure of elements 107 
——vvalues 73 


Valentinite, structure 332 
Vanadium 344 

— electronic configuration of 26 
Van der Waals’ forces 262, 266, 296 
—radius 264, 267 
Vaporization, heat of 262 
Variation method 47 

Vector addition of bond moments 
Vibration, harmonic 144 

— modes of 163 


206 
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Vibrational energy 144 

— frequency 151, 153, 155, 156, 172 
—— amino acids 174 
— — carbeny} group 
— —carboxylic acids 171 
— — ethylenic compounds 
— — multiple bonds 168 
— — polyatomic molecules 163 
— states 466 

— -rotational spectra 
Vinylacetylene 213 


174, 175 


145, 163 


WATER, atom polarization 196 

— heat of formation 111 

— heat of vaporization 262 

— structure 311 

Wave equation 4 

— — Shrédinger 6, 7, 9, 46, 452 

— function, antisymmetric and symmetric 
62, 159 

— functions for hydrogen atom 11 

Wavelengths of particles from de Broglie 
equation 4 

Weight of structure 55 
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Weight relative of valence bond structures 
207-209, 217 
Wurtzite lattice 312, 313 


XENON 27 

— heat of vaporization 262 
X-ray spectra of elements 1 
o-Xylene, ozonolysis 84 

— resonance energy 246 


YTTERBIUM 346 
Yttrium 27 


ZEOLITE 338 
Zero point energy 
Zinc 27, 346 

— blende lattice 295, 296, 312 
—chloride 353 
— crystal structure 
— group 3! 

— sulphide 340 
Zirconium 340 


1475 330 
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FORMULA INDEX 


Ag 38, 40, 303 
Ag,Al 306 
Ag,Al, 306 
Ag,Al, 306 
AgBr 324, 325 
AgCd 306 
AgCd, 306 
AgCl 324, 325 
Ag(CN)3~- 369 
AgF 324, 325 
AgH_ 153 
Agl 324, 325 
AgMg 3 
[Ag(NHs)3]* 384 
AgO 153 
AgzO 330 
Agsiong 306 
AgZn 306 
AgZng 306 
Ag,Zng 306 
Al 25, 37, 40, 303 


340 
AIB,H,N(CHs;)3; 406 
AIB,H,; 406 
e 406 
AIBr,’* (C,H;),0 270 
AlBr,‘C,H,NO, 270 
AlBr,°H,;S 270 
Al(C,H,O,)3 392 
Al;(CH,),Br, 406 
Al,(CHs),Cl, 406 
Al,(CHs3),_ 406 
AIC] 261 
AlCl, 327 
AIC], C,H, 272, 273 
AIC],°C,H,NH, 270 


AICl,°(C,H;),;O 270 
AlCl,‘ (C,H;),CO 270 
AICl,:C,H;NO, 270 
AIC},°C,H,OCH, 270 
AICl,° CIC,H,NO, 270 
AICl;°H,S 272 
AIC],;-NH, 272 
AlCl,* NO,C,H,CH, 


270 
Al,Cl, 


333 


31 

Ar 25, 40, 197, 199, 309 
As 73, 190, 256 

Asg 151, 155, 340 
As,* 155 


Formula Index 


AuCl, 356 
AuCl,- 379, 380, 381 


AuHg, 306 
Au(NHs),Cl, 384, 385 
[Au(NHs,),}**+ 384 
AuZn 306 

AuZn, 306 

Au,sZn, 306 


B22, 23, 37; 40 
B+ 107 

B- 107 

B, 15! 

BBr 261 

B(CHs)3 75, 397; 398 
B,(CHs)3 398 

BC] 261 

BCI, 109, 327 
BCl,-CH,CN 270 
BCl,-C,H,CN 270 
BCl,°(C,H,s)s0 270 
BF, 272, 327, 397 
BF,°(CH,),O 270, 271 
BF,°(C,H;),O 270, 272 
BF,°C,H,OCH, 270 
BF,°C,H,O 272 
BF,°NH, 383 

BF,.~ 110, 334 

BH 153, 154 


BH, 395, 396, 397, 398, 403 
B 396 


(B,H,)?- 403 


(BH)? 405 


BH, 405 
BH, 399, 403 


B(OH), 333 
B(OC,Hs)3 110 
B(OC;H;),- 110 


Ba 23, 37, 38 
Ba?+ 198 


BaS, 73 
BaTiSi,O, 337 
Be 22, 23, 37, 40 
Be*+ 105, 198 


Be, 152 
BeAISiO,(OH) 336 
BesAl;Si,O1, 337 
Be(BH,), 406 
Be(BH,)3N(CH3); 406 
BeBr,:2(C,H,;),;O 270 
BeCl 261 

BeC], 109, 261, 327 
BeCl,°2(C,Hs),0 270 
BeF, 327 


BeO 153, 330 
Be,O(CH,COO), 182 
BeS 340 

BeSe 340 

BeTe 340 

Bi 73 

Bi, 151 

BiH 153 

BiO 153 

Br 40, 41, 190 

Br- 198, 199 

Br, 100, 150, 151, 189, 205 
Br,7* 162 

BrCl 100 

BrOs~ 334 


C 22, 23, 40, 190 
Ct 107 

C- 107 

C, 15! 

CBr, 350 

C,Br, 179 

C,Br, 350 
CCI,F, 187 
CCI,F 187 

CCl, 43, 112, 187, 211 
C,Cl, 187 


CF, 187, 327 

C,I, 179 

CH = 149, 153-155, 157 
CH+t 155 

CH, 95, 168 


CH, 43, 75, 76, 181, 199, 211, 239, 242, 


244, 309, 310 
C,H, 163, 168, 181 
C,H, 96, 168, 181 
C,H, 168 


Formula Index 


70, 75, 95, 168, 219, 239, 288, 310 CisHy, 212 


79, 176, 180, 212, 213, 245, 265 Cy;H,, 93 

174, 212, 265, 288 Cy3H,, 93 

168, 265 Cys, 94 
75» 239, 288 CyHy, 94 

180, 246, 265 CygH, 98 

i175, 213, 246 CyuHs, 99 
85, 176, 180, 202, 212, 245, 246, 288 C,H, 96 

181 CHBr, 75, 350 
78, 174, 212-214, 244, 265, 288 CH,Br, 75, 350 

168 C,HBr 217 

75» 239, 288, 289 C,H,Br 175 
289 C,H,Br, 217 

180, 250 C,H,Br, 288, 290 
180, 212, 214 C,H,Br 75, 268 

176, 202, 212, 214, 245 C,H,Br, 85 

174, 244 C,H,.Br 175 

168 C3H,Br 75 

75» 239, 288 C,H,Br 175 

238 C,H,Br 75 
81, 84, 180, 202, 213, 246, 247, 265, C,H,Br 225 

C,H,Br 225 

86, 246, 247 C,H,,Br 228 

176, 202, 203, 212, 245-247 C,,.H,Br 268 

78, 174, 246, 247 C,oH,;Br 228 

239, 266 C,H,BrCl 288, 290 
95, 96 CHCl, 75, 112, 187, 350 
212, 214, 219, 224, 265, 268 CH,Cl, 75, 187, 216, 350 
176, 202, 212 CH;Cl 187, 215, 216 
174 CHCI,F 187 

239 CHCIF, 187 
212, 224, 234 CH,CIF 75, 187 
86, 175, 202 C,HCl] 217 

84, 212, 265 C,HC), 187 

174, 176 C,H,Cl, 187, 217, 265 
174 C;H,C) 119, 175, 187, 265 
239 C,H;Cl, 75, 216, 288 
176, 212 C,H,Cl, 216, 288-290 
175, 202, 212 C,H,Cl 215, 216 

176 C,H,Cl, 187 

174 C,H;Cl 187 

239 CH,Cl 383 

86, 91, 203 C,H,Cl 175, 215 

86, 91, 202-204, 212 C,H,Cl, 216 

QI, 202, 212 C,sH,C) 75, 215 

212 C,H,Cl 75, 215 

239 C,H,C), 187 

175, 203 C,H;Cl, 187 

202, 212 C,H,Cl, 187 

202 C,H,Cl 119, 187, 219, 220, 223, 225, 247 
239 C,H,Cl 213 

180 C,H,,Cl 215 

203, 265 C,H,Cl 223, 225 

203 C,H,Cl 225, 226 

202 Cy,H;,Cl, 99 

203 WH,D,O, 273 

239 CH,F, 75, 187 

203, 212, 214 CH,F 187 

202 C,H;F, 216, 288 

91, 93, 180, 203 CH,I, 350 

92, 43, 180, 202, 203, 212 CH,I 268 

93-95, 203 C,H, 175 

94, 202 C.H,I 225 

2.03 C,H,ICl, 225 

202 C,H,ICl, 221 

203 CH,Li_ 112 


202 CH,N, 184 


Formula Index 


CH,N 168, 208, 219, 288 

CH,N 265 

C,H,N 177, 183, 184, 219, 251, 267 
C,H,N, 186 

C,H,N, 184 

C,H,N 209, 265, 288 

C,H,N 175, 202, 219 

C,H,N 219, 267, 268 

C,H,N 73, 184, 206, 209, 265, 383 
C,H,N, 184, 288, 290 

C,H,N 180, 183, 184, 202, 219 
C,H,N 219, 267 

C,H,N 183, 184, 247; 277 

C,H,N, 232, 233 

C,H,N aig 

G,H,N 121, 219, 221, 225, 247, 248 
CyHiaN, = 75, 184, 332 

C,H,N 177, 219, 220, 224-226, 247 
C,H,N 225. 249 

C,H,N 177; 225 

C,H,N 229, 268 

C,H,,N 228 

C,H,,N*+ 127 

C,oHysN 228 

C,H io 97 


C,H NC] 224, 225 
C,HyNI 114 


CH,NO, 168, 184, 215, 219, 220, 267, 383 

CH,N,O 120, 171, 182-184, 252, 253, 
273, 310 

CH,NO 188 

C,H,NO 168 

C,H,NO, 78, 174, 182, 215, 267, 273 

C\H e&N,O 178 

C\H,NO, 174, 215, 267 

CH, NO. 189 


C,H,N,O, 252 
C,H,N,O, 252 
C,H,NO, 174, 215 
C,H,N,O 252 
C.H,N,O, 252 
C,H;,NO 232, 233 
C,H,N,O 252 
C,H,NO, 252 
CyH,,NO, 173 
C,H,N,O, 227 


C,H,NO, 121, 128, 177, 219, 220, 224-226, 
247, 268 
C,H,NO, 228, 282 


C,H,NO, 282 

C,H,NO 232 

C,H,N,O, 225, 226, 228, 248 
C,.H,NO 233, 248 

C,H,,NO, 252 


C,H,NO 286 
C,H,NO 252, 277 
C,H,NO, 225, 285 


C,;H,NO, 228 


993 


C,H,NO, 252 
C,H,NO, 228 
C,H,)N,O, 228 
C,H,,NO 228, 252 
C,H,,NO, 228 
CigHaN 303 229 
CioH, NO, 228 
CoN NO 228 
C,oH,,NOs 228 
C,,H, ‘NO 228 
C,,H,NO, 222 
C,,H,NO 116 
CigHioNsO, 227, 228 
C,;H,,NO 228 
C,3;H,,NO, 228 
Ci3HigN,O, 228 
C,,5H,,NO 252, 285 
C\3H,,N,0; 228 
C,;H,2N;O 252 
wH,,NO 232, 233 
C,,H,,NO, 252 
C,4H,,N,O, 228 
C,,Hi,NO 228 
CysH,;,5NO, 228, 286 
CieH,.N,0O, 228 
C\,HyN,O 228 
CyeHi2N.O, 234 
isN,O, 233 
atl,NO, 252 
CygHa,NeOis 234 
C,H,NO,Br 225, 228 
CioH,,NO,Br 228 
CH,NOCI 172 
C,H,NO,Cl 174 
C,H,NO,Cl] 174 
C,H,)NO,Cl 174 
C,H,NO,C! 223, 225, 226 
C,H,NO,I 225 
CH,N,S_ 183, 184, 253 
C,H,NS 253 
Cy,H,,NS 232 
C,H,Na_ 112 
CHO, 171 
CH,O 182, 217, 218, 265 
CH,O, 78, 171, 182, 241 
CH,O 168, 206, 207, 215, 219, 239, 265, 
266, 288 


CH,O, 171, 201 

C,H,O 79, 182 

C,H,O;, 

C,H,O, 78, 273 
2H;O, 171 

C,H, 78, 182, 217-219, 265 

C,H,O, 171 

C,H,O, 273, 274 

C,H,O 73, 110, 206, 207, 215, 219, 239, 
265, 266, 288 

C,H,O, 201 

C,H,O+ 110 

C,H,O 176, 202, 218, 265 

CysH,O 174, 178, 215, 217, 253, 254, 
265, 2 

C,H,O, 241, 268 

C,sH,O 215, 239, 265, 288 

C,H,O, 201 

C,H,0, 


C,H,O 73, 119, 120, 180, 231, 249 


C,H,O, 291 
C,H,O 176, 202, 217, 219, 265 
C,H,.O, 84, 250 
C.H,O, 249 
C,H,O 174, 175, 217 
C,H,O, 73, 178, 278 
C,H,O, 273 
C,H;,O 215, 239, 265, 272 
C,H,O 175 
C;sH,O 175, 176 
C,H,O, 175, 254, 285 
C,H,O, 178 
C,H,,O, 113 

ettis 215, 239, 273 
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C,H,O 121, 219, 221, 225, 247, 254 
C.H,O, 273 
C,H,,O, 178 
en *14 215; 239; 272 
C,H,O, 283, 284 
C,H,O 219, 221, 247 
C,;H,O, 247, 282 
C,H,O 219, 225, 268 
C,H,O, 231, 232 


C,H,O 172, 247 
C,H;,O 247 
C,H,,O 176 
C,H;,0 239 
C,H,O, 232 
C,H,O 239 
C,oH;;0 173, 228 

rott18 17 

1ot1s2 239 
C,,H,,O 173, 228 
C,,H,O 231 
C,,H,O, 235 

i2F 9 219 
C,,H,;,O 172, 228 
C,;H,O, 232 
C,,H,;,O, 285 

uwH,O, 290 
C,,H,,0, 97, 98 

2H,,O 176 


C,H,O,F, 273 
CHO,Na 8, 182 
C,;,H,OS 232 
C,,H,,OS 232 
C,H,S 265, 288 
GS 73 


Formula Index 


C,H,,S 122, 265 

C.H,S_ 180 

C,.H,S 219 

C.Hy,S 265 

C,,;H,S, 235 

C,H S 219 

C.H,SO, 128 

C,,H;Se, 235 

CN 137, 155 

C,N, 180, 183, 184, 200, 252 


CO 27, 44, 112, 136, 137, 153-155, 168, 


182, 200, 266, 309 
CO+ 137, 155 


CO, 79, 113, 163, 182, 200, 249, 263, 


152 
Ca,Al,Si,0,, 338 
CaB,O, 338, 339 
CaCO, 182 
CaCl, 327, 328 
CaF 261 


CaF, 261, 313, 314 

CaH 153 

CaO _ 153, 330 

Ca(OH), 333 
339 

Cd 37, 38 

Cd, 151 

CdCl, 329 

Cd(CN), 369 
153 

CdI, 315, 329 

Cd(NH;),Cl, 384 

[Cd(NHj)3]** 384 


330 

Cd(OH), 333 

CdSe 340 

CdTe 340 

Cl 25, 40, 41, 190, 433 
Cl,+ 155, 156 

Cl~ 103, 107, 198, 199 


Cl], 100, 102, 103, 150, 151, 155, 156, 189, 


205, 296, 309, 433 
C),** 
Clo Aes 
cio 25> 138 

a 125, 334 
ClO,- 125, 334 
ClO,- 125, 334 
C1,0 25, 73 


Co(CO),NO 366 
CoCl, 329, 355, 356, 386 
CoCl, 356, 385 
[Co(CN),}*~ 378 


Formula Index 
[Co(CN),]*~ 378 


CUNT NOs oe 387 
[Co(NH,).]*+ 386 
Co(NHs),Cl; 355, 386 
(Co(NHy).]** 386 
Co(NH,),Cl, 385, 386 
ad tn ariel 355 
Co(N3H,)sCl, 355 
Co(N,H,)3SO3H,O = 355 
Co(NO,),.2- 368 


359, 364 


CrO 153 

334, 355s 357 
Cr,O, 33! 

Cs 37, 38, 197, 303 
Cst+ 198 


Cs, 69, 151 

CsAuCl, 379 

CsBr 102, 318, 320, 323 

CsCl 102, 103, 314, 315; 318, 320, 323, 


327 

CsF 318 

CsH 152, 153, 154, 329 
CsI 102, 103, 318, 320, 323 
Cu 27, 3% 40, 303 


3 
CuCl 325, 328, 356 
CuCl, 356, 385 
Cu,Ga, 306 
Cu,Ge 306 
CuH 153 
Cul 325 
Gu(NH,@H,COO), 
Cu(NH,),Cl 386 
Cu(NH;),Cl, 385 
CuO 153 
CuO 313, 330 
Cu 


389, 390 


DC! 157 
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F 22, 23, 40, 41, 190 
F- 105, 198, 199 

F, 135, 151, 296 

Fe 27 

FeAs, 340 


Fe(CO),.?- 365 
Fe(CO),H, 364 
Fe(CO), 359, 361, 362 
Fe,(CO), 359, 362 
Fe,(CO);3 359, 364 


FeF, 357 
FeH 153 


Fe(H,O),Cl, 386 
Fe(NH,),Ch, 386 
Fe(NO), 366 


FeS, 340 
FeSbS 340 
Fe,SiO, 336 
Fe,Zn,, 306 


GeO 153 
GeO, 330 


H 20, 40, 41, 68, 190, 197, 432 

H+ 108 

H~- 107, 108, 198 

H, 44, 45, 69, 76, 102, 103, 133, 151, 155, 
157, 205, 263, 432 

a 45, 133, 155 


a_70 

HBF, 110 

HBr 104, 153, 199, 206, 264, 266, 309 

HC! 76, 104, 133, 153, 155, 157, 199, 206, 
264, 266, 309, 327 

HCl+ 155 

HCN 219 

H,CN, 183 

HD 157 

HF 104, 153, 154, 199, 206, 276 


HI 104, 153, 154, 157, 199, 206, 264, 
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H;,;O 72, 73, 74, 76, 111, 199, 206, 207, K,Fe(CN}, 343; 370-373, 370 
3 


265, 266, 361 K,Fe(CO), 
H,O, 201! KH 153, 329 
H,O+ 103, 111, 199 KHF, 273 
H,PO, 124 KI 102, 103, 318, 320 
H,PO, 124 KIC], 38: 
H,PO, 124, 125 KMg3(OH),(AISi;0O;_) 338 
H,S 73, 74, 122, 199, 206, 210, 265 oe 373 
HS, 256 Ren 373, 375 
H,Se 73, 74 K'Mn(C N)e 373) 374 
He 20, 40, 68, 197 K,Mn(CN), 374 
He, 134 KMnO, 359, 355, 356 
Hest 134, 142 K,MnO, 355, 356 
HeH 68 K,Mn(CN), 377 
Hg 37, 38, 40 K,Mo(CN), 369, 376 
Hg, 15! K,NaCo(NQ,), 368 
HgBr 261 K,Ni(CN), 378 
HgBr, 261 K,Ni(CN), 379 
Hg(CHs), 346 KO, 156 
HgCl 261 K,O 330 
HgCl, 261 K(OSO\N) 379 
Hg(CN), 369 ci 381 
HgH 153 K,PtCl, 381 
HgHal, 211 K,S,0, 73 
HgI 261 K,W(CN), 376 
HigI, 261 kr 27, 197, 199, 309 
HgS 340 
HgSe 340 
HgTe 340 
Hf go La 27 
LaO 153 
Li 22, 23, 37, 40, 41, 190, ia 
Lit 105, 198 
I 40, 41, 190, 197 Li, 69, 76, 134, 151 
I- 198, 199 LiBH, 406 
I, 100, 150, 151, 205 LiBr 318, 320 
IBr_ 100, 102 LiCl 102, 318, 322, 327 
ICl_ 100 LiD 157 
ICl,- 381 LiF 100, 318, 327 
IO." 334 LiH = 152, 153, 157, 329 
lO, 334 Lil 318, 320 
In 37 Li,O 330 
InCl 328 LiOH 333 
InCl, 327, 328 
InH 153 
InO 153 
Ir(CO),H 365 Mg_ 23, 25, 37, 40, 303 
IrO, 330 Mg?*+ 105, 198 
Megs 152 
MgCl, 327, 329 
MeF, 327 
K 37, 38, 190, 197, 303 MgH 153 
K+ 198 Mere > 330, 339 
K; 69, 100, 15! Me(OH 333 
K,B,H, 405 Me3(OH)4( $i,Oy0) 338 
K,ByHe 405 MeS 339 
K;B,O, 338, 339 Meg;sSiO, 336 
KBr _ 100, 102, 103, 318, 320 MgTl 340 
KCl 102, 103, 318, 320, 321, 327 Mn 27 
KCo(CO), 366 MnCl, 329, 356, 374 
K,;CO(CN), 378 MnCl, 356 
K,Co(CN), 378 MnCl, 358 
K,CrO, 356 Mn(NH;),Br, 386 
K;Cr(CN), 375, 376 MnO 330 
K,Cr(CN), 376 MnO, 330 
KF 318 MnO,” 


334 
K;Fe(CN), 370, 373; 376, 382 Mn(OH), 333 
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MnSO, 386 Ni(CO), 182, 359-361, 365 
MoCl, 355 Mili 153 

MoCl, 355, 357 (Ni(NH3),]SO, 379 
[Mo(CN)9]°~ 377 NiO __ 330 
Mo(CO)._ 359 Ni(OH), 333 
MoF, 356 NigZNg, 306 
MoF, 355, 35, 357 Np?*? 31 

MoO, 330 Np?*8§ 31 
MoO,*- 334 Np?*? 31 

N 22, 23, 40, 1g0 O 22, 23, 40, 190 
N~ 107 O- 107 

Ny 44, 76, 102, 103, 134, 136, 137, 151, O%" 105, 198, 199 
155, 156, 162, 205, 296, 309 Os 44, 135, 138, 142, 151, 153, 155, 156, 
N,* = 137, 155, 156 205, 256, 296, 309 
NF, 210, 327 O,* 137, 155, 156 
NH 149, 153, 154 QO, 188, 210 
NH,OH 168 O, 256 
NH, 72-74, 76, 114, 115, 199, 206-209, OD 157 

265, 266, 361, 383 OF, 73, 327 
NH,* 114, 115, 199 OH 153, 154, 157 
NH,Br 326 OH- 199 
NH,Cl 319, 326 OsCl, 357 
NH,F 273 Os(CO),H, 365 
(NH,)3FeF, 370, 382 Os(CO), 359 
NH,HF, 273 Os,(CO), 359 
NH,I 326 OsF, 356, 357 
NH,N, 273 OsO, 330 

NaH, 257 OsO, 356 
NO 44, 137, 138, 142, 153, 155, 168, 224, 

258, 309 
NOt 155, 156 
NO, 258 P 25, 40, 73, 190, 256 
NO,” 334 P, 151, 340 
NO, 258, 259 Py 257, 300 
NO,~ 116, 189, 259, 334 PBrs_ 73, 74; 209 
N,;O 257, 258 P(CH3)3 73 
N,O, 257, 258 PC], 73, 74, 261 
N,O, 258 PCI, 261 

N,O, 258 PF, 73, 74; 327 
N,O, 211, 258, 259 PFC), 73 
NOC] 44 PH 153 
Na 25, 37, 40, 199, 303 PHs 73, 74; 199, 209 
Nat 105, 198, 388 PH,AlHal, 272 
Na, 69, 100, 102, 151, 189 PH,CuHal 272 
NaAlSi,0, 338 PIs 73, 74 
NaAlSi,O, 338 PN 155 

NaBr 102, 318, 320 PO 153 

NaCl] 100, 102, 150, 314, 335, 318, PO,%- 124, 334 
320, 327 P.O, 332 

NaD 157 PyOi9 332 

NaF 44, 318, 327 POS, 332 

NaH _ 153, (57, 329 Pb, 15! 
NaHCO, 273 PbCl, 328 
NaHF, 273 PbCl, 328 

Nal _ 102, 318, 320, 322 PbH 153 

NaK 100, 102 PbI, 329 

Na,O 330 PbO 153, 330, 332 
Na,SO,10H,O 388 PbO, 330 

NbO, 330 PbS 340 

Ne 22, 23, 40, 197, 199, 309 PbSe 340 

Ne, 135 PbTe 340 

Ni 27 Pd 27 

NiCl, 329, 356 PdO 330, 332 


(Ni(CN),] 378 PtAs, 340 
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Pt(CH;);Cl 38: 
PiCl, 353 

PrCl, 356, 381 
[PtCl,.]?- 381 
[PtCl,J*- 381 
PtO 390, 332 
PtP, 340 


Rb 37, 38, 303 
Rbt 198 
Rb, 69, 15! 


RbBr_ 102, 103, 318, 320 
RbCl 102, 318, 320, 327 


RbF 318 

RbH_ 153, 329 

RbI 102, 318, 320, 323 
Res(CO)15 +359 


ReQ,~ 3 
[Rh(CO)s}n 359 
Rh,(CO), 359 


S 25, 40, 190, 256 
Sy 107, 198 
Ss 151, 340 


SF, 124 


SO, 122, 200, 210, 260 
SO, 123, 200, 210, 260 


S,0;C], 260 
SO,(NH;),; 126 
SO,(NHAg), 126 
Sb 73, 190 
Sb, 15! 

SbBr, 73, 209 
SbCl, 73 
SbI,; 73 

SbN 155 
SbO 153 
Sb,O, 331, 332 
Sb,O, 331, 332 
SbS 340 

ScO 153 

Se 73, 190, 256 


SiH, 199, 211 


SiN 155 
SiO 153, 154» 330 


Formula Index 


SiO, 200, 314, 315, 330, 335s 330, 339, 241 
7 


SnCl,°(C,H,),0 270 
SnCl, 2C,H,CHO 27 
SnCl,-C,H,CN 270 


SnCl,-2C,H,COCH, 270 


SnH_ 153 
SnO 153, 330, 332 
SnO, 330 
SnS,‘~ 334 
Sr 23, 37, 38 
Sr, 152 

Sr?+ 198 
SrCl 328 
SrCl, 327, 328 
SrH_ 153 
SrO_ 153, 330 
StS 339 


Te 73, 190 
Te®- 198 

Te, 151 

TeO 153 

TeOQ, 330 

TiO 153 

TiO, 313, 315, 330 
i150, 331 
TiCl,-C,H,CN 270 
TiC],°"C,H,CN 270 
Tl 37 

TIBr 328 

TIC! 328 


Formula Index 
TIC], 327, 328 
TIH 153 

TII 328 


W(CO), 359 


Xe 197, 199 


153 
ZnO 312, 330 
Zn(OH), 333 


ZnS 315, 340 
Z 
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This book presents a coherent, comprehensive account of structural chemistry—a 
complex, but important area of modern chemistry. The authors, two outstanding 
Russian scientists, have furnished a well-balanced wave mechanical treatment of the 
field. Throughout the book, they have endeavored to link theoretical aspects with 
practical measurements so that the reader can properly grasp recent developments 
and problems. 


The book begins with a general survey of atomic structure (covering the Rutherford- 
Bohr model, the developments of wave mechanics and its relation to periodic classi- 
fication of the elements). The emergence of ideas on chemical binding is discussed, 
particularly in reference to covalency and resonance—using the Heitler-London atomic 
orbital method as a basis for the treatment. Chapters cover the homopolar bond (with 
an examination of the Pauli Principle), saturation and direction of valency bonds, 
resonance of valency structures, and resonance of covalent and ionic states. 


The authors then take up the molecular orbital method and its application to diatomic 
and polyatomic molecules. They consider a number of highly significant topics: spec- 
tral measurements, dinole moments, bond energies and intermolecular attraction; 
crystal structure and chemical binding; etc. An extensive account of complex com. 
pounds follows. This chapter deals with metallic carbonyls, nitrosyl and nitro com- 
pounds, cyanides, halogen compounds, and the like. Apart from the Heitler-London 
treatment of the homopolar bond, all mathematical derivations are postponed to three 
chapters at the end of the book. Thus, the non-mathematical reader with an average 
chemistry background can simply omit this final section and still be assured that he 
has a thoroughly sound introduction to the subject. 


A great virtue of the book is that it brings together between the covers of a single 
volume a large amount of theoretical material and experimental data otherwise to be 
found only in scattered books and periodicals. And it presents this material in a form 
intelligible to a great many readers who would ordinarily be put off by the more 
advanced texts in which these topics are usually discussed. Practicing chemists and 
students will find this an exceptionally useful addition to their working libraries. 
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